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I. INTRODUCTION 
The compound l,10-phenanthroline, P, is a bldentate 
ligand with the following structure 
It reacts with many transition metals, M"^^, forming 
octahedral complexes. Its principal utility has been as a 
ligand for the spectrophotometric determination of trace 
quantities of iron(II). The FeP^"^^ complex has also been 
very useful as an oxidation-reduction indicator. These and 
other uses of 1,10-phenanthroline are further described in 
review articles (10,63). 
Many substituted 1,10-phenanthroline compounds have been 
prepared. This family of compounds all having the same 
ferroin function group, -C=N-C-C-N=C-, have been studied 
by many workers. The effect of these substituents on ligand 
properties like basicity, solubility, wavelength of maximum 
absorbance and sturic hindrance to complex formation has been 
studied. Further, the effect of substituents on the proper­
ties of the resulting PeP^"*"^ complex such as the pH for 
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optimum color development, molar absorptivity, oxidation-
reduction potential and extractability has been investigated 
(10,54,63). 
A. Purpose of This Work 
The purpose of the present work has been to investigate 
the reaction between hydrogen ion and 1,lO-phenanthroline with 
a specific interest in the poly(1,lO-phenanthroline)hydrogen 
(I) species reported by Grimes (24) and Fullerton (20). In a 
broader sense this has involved gathering experimental evi­
dence to show the existence of nonexistence of these species. 
Should the evidence indicate that these species do exist then 
it would be of interest to determine the over-all formation 
constants for the various species. Further, since such 
higher order species, and would seem to violate 
existing thoughts about the possible stoichiometries for a 
hydrogen ion, it would be of interest to speculate one or 
more plausible structures. 
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II. LITERATURE REVIEW OP THE HYDROGEN ION 
AND I.IO-PHENAETHROLINE REACTION 
The dissociation of an acid, HB, may be represented by 
the- following reaction, 
^ H+1 + B (1) 
and the acid dissociation constant, Ka» is 
Ka = (2) 
(HB+1) 
and 
pKa = pH + log . (3) 
(B) 
The acid dissociation constant of mono(1,10-phenanthro-
line)hydrogen(I), HP"*"^, has been measured by several workers. 
The results are summarized in Table 6, The most commonly 
used technique has entailed measuring the pH of a partially 
nsutraliced solution of 1,10-phenanthroline. Then assuming 
a 1:1 stoichiometry the concentration of (HP"^^), may be 
determined from the difference betv/een the total concentra-
+1 
tion of hydrogen ion added, (Ep ), and the concentration of 
uncombined hydrogen ion, , that is measured ezperimen-
tally, 
(HP+1) = (HJ^) - (H+^) . (4) 
Further, the concentration of unreacted 1,10-phenanthroline 
may be determined from 
(P) = (P^) - (HP+^). (5) 
Hence, the pKg. may be readily determined from a single pH 
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measurement using Equation 5. Most commonly the pH measure­
ment is made when about one half of the base, 1,10-phenan-
throline, has been neutralized. This basic method has been 
employed by several workers to determine the pK^ value for 
Hawkins ^  (25) determined the pK^ values for 1,10-
phenanthroline and several "pyridine" ring substituted 1,10-
phenanthrolines. 
The potentiometric technique was modified somewhat by 
Brandt and Gullstrom (11) to determine the acid dissociation 
constant of several 5-substituted or "benzene" ring substi­
tuted 1,10-phenanthrolines, Because of the low aqueous 
solubility of these substituted 1,10-phenanthrolines, they 
employed a water-dioxane solvent system. The relative acid 
dissociation constants were determined as a function of the 
volume percentage of dioxane. The aqueous pKg_ values were 
determined from a plot of relative pK^ vs. percentage diosane 
by extrapolation to zero percent dioxane. 
Schilt and Smith (50) employed the same basic procedure 
used by Brandt and Gullstrom (11) to determine the pKg^ values 
of forty substituted 1,10-phenanthrolines. 
Another procedure which has been employed by other 
w'orkers involves a spectrophotometric technique. The uncom-
bined base, 1,10-phenanthroline, has two strong absorption 
peaks in the ultraviolet region at about 265 and 229 mix . 
Upon protonation in acidic medium, these peaks are shifted 
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to about 272 and 220 mjj. respectively (37). The pK^ value 
for 1,10-phenanthrollne can be calculated from the simultan­
eous solution of the folloiflng two equations, 
(P-r) = (p) + (EP+^) - (6) 
A = epb(P) + €Hpb(HP+^) (7) 
which gives 
(HP+1) ep(p ) _ A 
=  (8 )  
(I") ^ - %ip+i(?T) 
where A is the absorbance of the solution containing both the 
uncoabined base and the protonated base, and are the 
molar absorptivities of the uncombined base and the protonated 
base at the wavelength where A is measured and b is the cell 
path in centimeters. The ratio of protonated base to uncom­
bined base is generally altered by employing several buffer 
solutions of known pF.. 
Jji alternate spectrophotomctric technique similar to the 
one above involves the determination of the overall molar 
absorptivity of a peak where both the uncombined base and 
protonated base absorb. The pK^ value may be determined from 
the inflection point of a plot of molar absorptivity vs. pH. 
The former spectrophotometric technique was employed by 
Lahiri and Aditya (35). They reported a pK^. of 4.95, The 
total concentration of 1,10-phenanthroline used in their 
study was 2 x 10"^ M. The latter spectrophotometric technique 
was employed by Linnell and Kaczmarczyk (37). Their reported 
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pKg, was 5.4-7. 
Lee, Kolthoff and Loussing (36) have extensively investi­
gated the reaction betvreen hydrogen ion and 1,10-phenanthro-
line, TLey concluded that although 1,10-phenanthroline has 
two basic nitrogen atoms it behaves as a monoacidic base. 
They conducted a potentionetric titration of 0.01 M 
1,10-phenanthroline with 0.2 M hydrochloric acid. An exper­
imental plot of pH vs. moles of acid added per mole of 1,10-
phenanthroline was prepared. The experimental points ware 
compared with a theoretical curve calculated from their pre­
viously determined acid dissociation constant for the 
species. They point out that the agreement between the 
experimental points and the theoretical curve is good. There 
is a substantial break in the curve at a 1:1 ratio of acid to 
1,10-phenanthroline but little change in pH is observed in 
the region corresponding to a 2:1 ratio. 
Secondly, they investigated the reaction between hydrogen 
ion and tris (1,10-phenanthroline) iron (II), Two 
possible reactions were speculated, 
FeP3+2 + 3H+1 3HP+^ + (9) 
FeP^+2 + 5g+l (10) 
that is, the dissociation of PeP^'*'^ in acidic medium to form 
either HP"*"^ or H2P"^^. The equilibrium constants, K, for the 
two reactions are 
Ki = (11) 
(PeP^+2)(H+1)3 
7 
Ks = . (12) 
(?e?3+2)(H+l)6 
Solutions were prepared lAerein the total concentrations of 
iron(II), hydrogen ion, and 1,10-phGnanthroline were knoim. 
The equilibrium concentration of the colored FeP-^'*'^ complex 
was determined spectrophotoaetrically. Assuming that the 
. p 
concentrations of uncombined 1,10-phenanthroline, PeP]_ and 
PeP2^^ are negligible, the concentrations of all the param­
eters in the system can be determined from 
(Pe+2) = (Pe^+2) _ (peP^+2) (13) 
(HP+1) = (Kt+1) - 3(PeP3+2) (14) 
(H3P^2, = . (15) 
The equilibrium constants for the two hypothetical 
reactions were determined at several different total concen­
trations of iron(II), hydrogen ion and 1,10-phenanthroline. 
The total variation in K]_ was from 1.8 to 8.4 x 10""^ while 
that for Kg varied by a factor of about a million. They con­
cluded that this was strong evidence that 1,10-phenanthroline 
is a monoacidic base. It should be noted that the concentra­
tion of uncombined 1,10-phenanthroline in their solutions was 
about 10"^ M. 
Lee e_t al. (36) also performed a conductometric titra­
tion of 0.01 M 1,10-phenanthroline with 0,2 M hydrochloric 
acid using freshly platinized electrodes. The resulting plot 
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of conductance vs. moles of acid added per mole of 1,10-
phenanthroline had a distinct endpoint indicating a 1:1 
interaction. 
Upon considering this experimental evidence Lee e_t al. 
(36) concluded that although 1,10-phenanthroline has two 
basic nitrogen atoms it behaves as a monoacidic base. They 
concluded further that the nitrogen atoms are separated by a 
0 
distance of only 2.5 A and they occupy such positions in the 
molecule that electrostatic or steric forces or both prevent 
two hydrogen ions from combining with 1,10-phenanthroline, 
Later workers have shown spectrophotometric evidence in 
the ultraviolet region for the existence of diprotonated 
1,10-phenanthroline, in strongly acidic solution. 
Margerum et (41) have determined the molar absorptivity 
of an absorption peak at 277.5 mp. as a function of the pH of 
the solution. They calculated a pKg. value of -0.70 for the 
diprotonated species. They suggest that the diprotonated 
species begins to form in solutions more acidic than 1 M 
HCIO^. In a similar manner Linnell and Kaczmarczyk (37) 
determined a pK^ value of -1.6 in concentrated sulfuric acid 
solution. 
No complete description of the bonding in mono(1,10-
phenanthroline)hydrogen(I) was found in the literature. How­
ever 2,2'-bipyridine which also contains the ferroin func­
tional group has been studied more extensively. It, like 
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1,10-phenanthroline, behaves as a monoacidic base except in 
strongly acidic solution. Baxendale and George (6) have 
suggested that 2,2'-bipyridine does not add a second proton 
because hydrogen bonding stabilizes the monoprotonated 
species. 
The importance of hydrogen bonding in compounds contain­
ing the ferroin group has been disputed by other workers. 
Westheimer and Benfey (64) have theoretically derived an 
upper limit to the effect of hydrogen bonding of some dibasic 
acids based on the ratio of to Kg_2' They determined the 
and the diprotonated 2,2 '-bipyridine and from 
the magnitude of ths ratio of to they concluded that 
hydrogen bonding in monoprotonated 2,2'-bipyridine is insig­
nificant. 
Nakamoto (44) has investigated the infrared spectrum and 
nuclear magnetic resonance spectrum of the solid hydrochloride 
of 2,2'-bipyridine and no positive evidence for K K...ÎÎ 
hydrogen bonding was found. They concluded that the H...K 
distance, 2.60 i, was too long for adequate hydrogen bonding. 
In conclusicn, one must use caution in comparing 1,10-
phenanthroline and 2,2'-bipyridine because the former com­
pound is rigidly planar while the latter compound has free 
rotation of the two "pyridine" rings altering the alignment 
between the two ring nitrogen atoms. 
Many 1,10-phenanthrolines form solid hydrates. These 
are definite compounds having characteristic melting points. 
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They lose their vrater at a characteristic temperature. The 
parent 1,10-phenanthroline crystallizes from vrater as the 
monohydrate, 1,10-phenanthroline-l-water. Infrared studies 
indicate that the v:ater is bonded to 1,lO-phsnanthroline by 
two 0—H... N hydrogen bcnrls (54). 
Fritz et ?.l, (19) have ceacurei the discooiation pres­
sure at several temperatures for the reaction 
From the data they calculated the average strength of the two 
hydrogen bonds in 1,10-phenanthroline-l-water. A value of 
7.25 kcal./mole for a single 0—H. ..N hydrogen bond was 
reported. This compared favorably with hydrogen bond 
strengths reported for acetic and formic acids. 
Nakamoto (44) has reported the preparation of 1,10-
phenanthroline monohydrochloride monohydrate. This was pre­
pared by passing gaseous hydrogen chloride into an ethereal 
solution of 1,10-phenanthroline (monohydrate?). The product 
was dried for five days in a phosphorus pentoxide desiccator. 
An elemental analysis of the material indicated the above 
compound. 
Beattie and Webster (7) have prepared 1,10-phenanthro-
P-H20(s) P(s) + H20(g) . (16) 
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line monohydrate monohydrochloride in a similar manner 
These authors specifically stated that they started with 
solid 1,10-phenanthroline-l-water. They propose a structure 
consisting of a hydronium ion which is bonded to 1,10-phen-
anthroline by two ..N hydrogen bonds for the cation of 
1,10-phenanthroline monohydrate monohydrochloride. 
dt) 
H. ri 
• 
a 
They suggest that hydrogen bonding would be of importance in 
determining the base strength of the monohydrochloride in 
aqueous solution. 
To show the existence of 1,10-phenanthroline-l-water in 
solution Seattle and Webster (7) compared the infrared 
spectra of solutions of 1,10-phenanthroline-l-water in ether 
and in benzene in a region where the anhydrous 1,10-phenan-
throline does not absorb. In the ethereal solution the 
spectra of water and 1,10-phenanthrollne-l-water were 
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identical indicating complete dissociation of 1,10-phenanthro-
line-1-water to water and 1,10-phenanthroline. In benzene 
the free water peaks in the solution of 1,10-phenanthroline-
1-water are considerably smaller than th^se expected from 
complete dissociation. Further, there is a new, broad peak 
centered at about 3410 cm~^ which is analogous to that found 
for the solid 1,10-phenanthroline-l-water. These results 
indicate that in the benzene system there is only partial 
dissociation of 1,10-phenanthroline-l-water while in the more 
polar ethereal solvent there is complete dissociation. 
Some recent workers have determined the thermodynamic 
quantities AH, AS and Ap for the neutralization reaction of 
1,10-phenanthroline, Nasanen and Uusitalo (45) determined 
the acid dissociation constant potentiometrically at 0°, 25° 
and 50°C. Prom the temperature dependence of the acid disso­
ciation constant the heat of formation of mono(1,10-phenan-
throline)hydrogen(l) was calculated to be -3.5 kcal,/mole. 
The entropy change for the reaction was calculated to be 
10,2 e,u, 
Kul'ba and Makashev (34) have studied the reaction 
calorimetrically and have determined values of Ap = -7.0 
kcal,/mole, AH = -4,6 kcal./mole and As = 3 e.u. In a similar 
manner Anderegg (2) has determined values of AP = -3.95 
kcal./mole, AH = -6.6 kcal./mole and AS = 9.2 e.u. 
Lahiri and Aditya (35) have reported values of AP = 
-6.90 kcal./mole, AH = -4.07 kcal./mole and AS = 9.5 e.u. 
13 
These vere determiiied from the temperature dependence of the 
spectrophotometrlcally determined acid dissociation constant. 
To date Grimes (24) and Pullerton (20) have bean the only 
vorkers to suggest the existence of poly(l,lG-phenanthrolin3) 
hydrogen ion species. Both workers have determined the over­
all foraation constants of the and species 
using the Ag/AgPglJO^ electrode. This same basic technique 
has been employed by the present author and it vd.ll be 
described in considerable detail below. The values reported 
for the logarithm of the over-all formation constants are 
5.05, 8.40 and 10.3 (24) and 5.27, 8.10 and 12.07 (20). 
Grimes (24) cited further evidence for the existence of 
the poly(1,10-phenanthroline)hydrogen(I) species. He per­
formed a conductometric titration of hydrochloric acid solu­
tions which were saturated with 1,10-phenanthroline using 
hydrochloric acid as the titrant. At the beginning of the 
titration n was greater than two indicating that some of the 
species was initially present. This species would be 
titrated first 
EP^+^ + = 2E?2'^^ . (17) 
Tfnen the species was depleted a slight break in the 
plot of conductance vs. volume of titrant was observed. Next 
the species would be titrated 
HP2+^ + H+^ - 2HP+^ . (18) 
Thereafter a second, sharp break was observed due to the con­
ductance of the excess hydrogen ion. The sharpness of the 
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first break increased as the total concentration of 1,10-
phenanthroline in the system was increased. The total con­
centration of 1,10-phenanthroline could be increased by using 
a more concentrated initial hydrochloric acid solution. 
Grimes (24) also noted the abnormally high solubility of 
1,10-phenanthroline in aqueous acidic solution. This high 
solubility could not be accounted for by assuming only the 
species. However by assuming contribut_ons to the 
solubility by ^22"^^ and the abnormally high solubility 
could be explained. Some solubility studies have been con­
ducted in the present work and this area of investigation 
will be more thoroughly pursued below. 
Dale (14) did some preliminary work with the Ag/lgPgNO^ 
electrode system in an attempt to further lucidate the higher 
order species. He encountered pro bier: s in the prepara­
tion of reproducible electrodes and discontinued the study of 
the Ag/AgPgKO? electrode in favor of a competitive technique 
employing silver as the competing ion. A silver electrode 
was usea as the indicating electrode. Ey this method the 
over-all formation constants of some transition metal-1,10-
phenar.throline complexes were determined. Using this same 
technique he performed a titration of hydrogen ion with 1,10-
phenanthroline. However, from his data he was unable to make 
a conclusion concerning the existence of the higher order 
species. 
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III. MATHSMATICAL COMPUTATION 0? FOHI-ÎATION CONSTAI^TS 
A. General Considerations 
In the study of a metal-ligand system some general, com­
monly used concepts are employed. The book by Rossotti and 
Rossotti (49) may be consulted for a more complete treatment. 
In the general reaction between a central metal ion, B, 
and a ligand. A, several mononuclear metal-ligand species, 
BA^, may be formed. 
The over-all stoichiometric formation constant, for the 
BAj^ species is defined as 
irhere the terms in brackets are equilibrium concentrations. 
For convenience ionic charges will be omitted in this treat­
ment. Thermodynamic constants are ones employing activities 
rather than concentrations of the metal, ligand and BA^. 
îJormally the thermodynamic constants are not determined for 
several reasons. It would be necessary to know the activity 
coefficients of all the ionic species in the system to con­
vert the stoichiometric formation constants to thermodynamic 
ones. In many cases the activity coefficients are not readily 
available. Thermodynamic constants could be obtained by 
extrapolating to infinite dilution stoichiometric formation 
constants which have been determined at several different 
B + nA. - BAq^ (19) 
(20) 
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ionic strengths. This technique is tedious and is not usually-
done. 
More frequently the activity coefficients are rendered 
constant by employing a medium of constant ionic strength. 
The stoichiometric formation constants thus obtained are valid 
for that specific ionic strength. Formation constants re­
ported in this manner are often as useful as thermodynamic 
ones. 
To control the ionic strength a significantly large con­
centration of an ideally noninteracting salt is employed. In 
practice this noninteractlng stipulation rarely exits. 
Further, interactions of the metal or ligand with materials 
'.rhioh are used to control other medium parat.eters, such as 
the pH, are often encountered. I-Jhen these interactions or 
competing reactions are knoi-m to exist the formation constant 
obtained is the over-all conditional formation constant, 3p, 
ilèll 
vhere (B') is the total concentration of metal not bound to 
the ligand and (A') is the total concentration of ligand not 
bound to the metal. Hence, conditional formation constants 
are a function of the concentration of any interacting com­
ponents in the medium. 
Some other concepts are often used when describing metal-
ligand systems. The step formation constant for the BA^ 
species, irhich is the equilibrium constant for the 
I 
^n ~ /-t X /. I sn (21) 
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reaction, 
(22) 
is defined as 
(Mn) 
(23) 
(BA^_l)(A) 
The over-all formation constant for the BA^ species is 
the product of the n step formation constants. 
B. The Computation of Formation Constants 
Many methods are available for the computation of forma­
tion constants. The book by Rossotti and Hossotti (49) and 
the review articles by Sullivan and Hindman (57) and Rossotti 
and Rossotti (43) describe and illustrate several of these 
methods. Several methods vill be mentioned here to illustrate 
the scope of these computational techniques. 
In a metal-ligand system the total analytical concentra­
tion of ligand, A, r_ay be expressed by 
N 
A = a + S n(BA_) (24) 
n=l 
and the total analytical concentration of the central metal, 
B, may be expressed by 
where a and b are the concentrations of uncombined ligand and 
metal and N is the coefficient of the highest BA^ complex. 
In most studies B and A are known. 
IJ 
B = b + s (BA_) 
n=l ^ 
(25) 
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Other frequently employed functions are the average 
ligand number or B]errum's n, 
N N 
S ïi(BA^) Z n& a^ 
n = AzE: = ^  2^ (26) 
3 N N 
b + 2 (BA^) 1 + s 
n=l n=l 
and the degree of formation, of the BA^ complex, 
. (27, 
= I B.an 
n=l 
Both Leden's and Pronaeus' computational methods employ 
the function, P, 
N 
P = Pi + Bga + P^a2 + ... = 2 . (23) 
n=l 
A value for is determined by extrapolating a plot of P as 
a function of a to a = 0. A value for °2 determined from 
a second function, G, 
p - P. N 
G = = Pg + + ... = s (29) 
& n=l 
by extrapolating a plot of G vs. a to a = 0, The higher 5^ 
values are determined in an analogous manner. 
In Leden's method P is calculated from 
P = ^  . (30) 
b a 
Hence, the concentrations of both the uncombined metal, b, 
and the uncombined ligand, a, must be determined experiment­
19 
ally or must be readily calculable from experimental measure­
ments. 
In the method of Fronaeus the function, P, is determined 
from 
In P = 
a 
n 
- da (31) 
0 
by graphical integration. 
Other computational methods may be employed which use n 
as the starting function. Since 3 and A are usually knovm, a 
a value of n for each experimental data point may be calcu­
lated from an experimental measurement of a. Mathematically 
all that is necessary is to obtain ÎT experimental points 
giving N equations of n which may be rearranged to the form, 
N 
S (n - n) 0^a^ = 0 (32) 
n=0 
which may be solved by deterr-inates using Cramer's rule. 
The data points are generally selected at half-intergal 
values of n. At these values of n the concentrations of the 
BA^_1 and EA^ complexes are approximately equal. This method 
is not recommended for the most accurate work since a limited 
amount of experimental data is used. 
Several other graphical techniques treating R and a data 
are described in Rossotti and Rossotti (4$). These like the 
graphical techniques of Leden and Pronaeus have common dis­
advantages. They frequently are lacking objectivity. In the 
extrapolation procedure the few data points near the extrapo­
20 
lation limit are often weighted more heavily than the other 
points. Also, due to the nature of the computation, errors 
tend to accumulate in the higher 0^^ values. 
With the advent of high speed computers more objective 
and more accurate computational techniques may be used. All 
the experimental data can be treated simultaneously and other 
useful parameters may often be obtained from the computations. 
For example, in the least squares method to be described in 
the next section the output of the computer program includes 
a value of the estimated standard deviation of each of the 
values of 
C. The Weighted Least Squares Computer Program 
The weighted least squares computer program was written 
by Stagg and Powell (55) for an IBM 7074 computer. The 
program was patterned after a similar program by Sullivan e_t 
al. (58). 
The n expression, Equation 26, can readily be rearranged 
to the form, 
N 
5 = 2  0 ^ a ^  ( A - a - n B )  =  0  .  ( 3 3 )  
n=0 
In a typical least squares manner this above expression is 
set equal to a residual, 
U 
= S P^a^ (A-a-nB) (34) 
n=0 V 
and a value of Uj, is calculated for each datum point. 
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Because of experimental error in the measurement of a, these 
residual values are seldom equal to zero. Further, the ex­
perimental system is one which is ill-conditioned in that the 
independent variable, a, must be varied over several orders 
of magnitude while the dependent variable, n, changes by a 
relatively small amount. From the computational viewpoint 
this Ill-conditioning means that there are a large number of 
nearly correct solutions of the equations which leads to some 
difficulty In obtaining numerical values for the parameters. 
The program then calculates the weighted sum of squares, 
S, of these residuals, 
I 2 
S = S (35) 
1=1 
where I Is the total number of datum points. The weighting 
factor, Wj^, Is arbitrary but the one most frequently used in 
this type of calculation and the one used in this specific 
program is 
*1 = —^ (36) 
ôïïi^ 
where ÔU^ is assumed to be due principally to error in the 
experimental measurement of a, 
ÔUi = aH (37) 
Ô aj^ 
and H Is the relative error in the determination of a. 
The weighted sum of squares Is then minimized with 
respect to each of the 3q^'S 
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(38) 
which results In N equations which are functions of the P^'s. 
The individual values of are computed from these N equa­
tions by using Cramer's rule. 
The estimated standard deviation, cr^ of each of the 
Bg/s is obtained from the diagonal elements of the inverse 
matrix of the coefficients of the gg^s. 
where r^ is the diagonal element of the inverse coefficient 
matrix. 
The program employs an iterative technique wherein the 
estimated values of the 3n's are used to compute and w^. 
Using these the sum S is calculated and it is then minimized 
giving new, better values for the g^'s. The iteration con­
tinues until the values of 3^ converge to an acceptable limit, 
which in this specific program is agreement to within 0.001. 
Generally about six iterations were necessary. 
The program input includes values for A,B and a for 
each experimental datum point and estimations for each 6^. 
The output includes the calculated values for each with 
its value for cr^ and two n values, an experimental n and a 
calculated n, for each datum point. The experimental n is 
obtained from 
i 22: I 
I-N 
(39) 
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n = ^  ^ (40) 
B 
and the calculated n Is obtained from 
N 
n = — (41) 
N 
S 
n=l 
using the calculated values for the P^'s. The agreement 
between the two values of n Is a measure of the quality of 
the computer program's fit to the experimental data. 
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IV. APPARATUS AND REAGENTS 
The potentlometrlc measurements were made vlth a Leeds 
and Northrup No. 7552 Type K-2 potentiometer coupled with a 
No. 2430-0 Type E galvanometer having a sensitivity of 0,005 
[1 amp/mm. Titrations were conducted in a constant temperature 
bath at 25° + 0.005°0. 
All reagents used were of reagent-grade quality except 
the potassium nitrate which was a primary standard grade. 
The 1,10-phenanthroline used was purchased from Aldrich 
Chemical Company and its purity was checked by nonaqueous 
acid-base titration in acetonitrile using standardized per­
chloric acid as the titrant. Stock solutions of zinc sulfate 
and cadmium sulfate were standardized by titration with 
standardized ethylenediamiuetetraacetic acid. 
The deionized water which was used to prepare the unbuf­
fered basic solutions was boiled to drive off carbon dioxide. 
The water was stored in azid delivered from a dispensing 
bottle which was protected from atmospheric carbon dioxide 
by a gas-drying tube filled with Ascarite. 
The conditional over-all formation constants were calcu­
lated on an IBM 7074 computer. 
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V. EXPERIMENTAL PROCEDURES AND RESULTS 
A. Introduction. 
The Ag/AgP2N03 electrode was devised by Grimes (24) to 
determine the concentration of uncomblned 1,10-phenanthrollne. 
Its utility In studying metal-1,10-phenanthrollne systems was 
pursued by Pullerton (20), Grimes (24) cited the work of 
Schmid and Reilley (52) and Schwarzenbach and Anderegg (53) 
as the inspiration for the development of the electrode. 
Schmid and Reilley (52) have employed a mercury electrode 
in the determination of the values of of the chelates of 
ethylenedlaminetetraacetlc acid (Z) with several metals. 
The method is based upon the competition between the metal 
being studied, M, and mercury(II) for Z, 
HgZ'2 + - MZ^-Z + Hg+2 (42) 
where z is the ionic charge of M. 
The potential of the mercury electrode is indicative of 
the concentration of uncomblned mercury(II). A combination 
of the Nernst equation for the mercury electrode at 25°C with 
the equations for the formation constants of the mercury and 
metal chelates gives 
® = ^°Hg^2/Hg + Si)£ * 
Hence the potential of the mercury electrode depends lin­
early on log the concentrations of HgZ, MZ, and M 
remain constant. The values of were calculated directly 
from the experimental data and the previously determined 
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value for 
The authors suggest that the method is rapid and simple 
for 1:1 metal chelates but it would be considerably more com­
plex in the study of metal-ligand systems which involve 
higher order complexes. 
Schwarzenbach and Anderegg (53) have determined the 
values of for some MZ chelates by a potentiometric tech­
nique employing mercury(II) as the competing ion. Solutions 
containing known quantities of the HgZ and MZ chelates were 
prepared. The equilibrium concentration of uncomplexed mer­
cury (II) was determined potentiometrically with a mercury 
electrode. The concentration of uncombined Z in the system 
could then be calculated from the previously determined value 
for Bggg. The value for may then be obtained from the 
total concentrations of the metal and Z and the value for 
the concentration of uncombined Z. 
Dale (13) used a similar potentiometric technique with 
silver (I) as the competing ion to determine the values of 3^^ 
for the stepwise chelates of 1,10-phenanthroline with some 
transition metals. By a titration technique the total con­
centration of 1,10-phenanthroline was varied while the total 
concentrations of silver and the metal being studied were 
held constant. In the system the concentration of uncombined 
silver(I) was determined potentiometrically with a silver 
electrode. The concentration of uncombined 1,10-phenanthro­
line could then be determined from the previously determined 
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values of for the and complexes and the 
measured concentration of uncomblned silver(I). Using the 
values for the total concentrations of metal and ligand and 
the calculated value for uncombined ligand, the values of n 
for each experimental datum point could be obtained. The 
values of 3^ for the complexes were calculated by a 
weighted least squares computer program, 
Anderegg (1) employed a similar competitive, potentio-
metric technique to study metal-1,10-phenanthroline systems. 
Mercury(II) was the competing ion and a mercury electrode was 
used to determine the concentration of uncombined mercury(II). 
A precipitate of HggPgfNO^ig formed in the system giving, 
essentially, a second order electrode, Hg/Hg2P2(^®3)2* 
By far the most commonly used competitive technique 
involves the use of the hydrogen(I) as the competing ion. 
The literature is replete with the use of the glass electrode 
to determine the values of for a metal-ligand system. The 
concentration of uncombined ligand is determined from the 
experimentally determined pH and the previously determined 
formation constant(s) of the hydrogen-ligand species, Ros-
sotti and Rossotti (49) have reviewed the various ramifica­
tions of this technique. 
Grimes (24) did some preliminary investigation into the 
utility of the mercury electrode for the study of metal-1,10-
phenanthroline systems. However this approach was discarded 
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because the preliminary investigation indicated that the reac­
tion between mercury(XI) and 1,10-phenanthroline was very 
complex. 
Grimes (24) and later Pullerton (20) studied the reaction 
between silver(I) and 1,10-phenanthroline. Grimes (24) 
titrated a 2.5 x 10~^ M AgNO^ solution with 1.1 x 10'^ M 
1,10-phenanthroline. The course of the titration was followed 
with a silver-saturated calomel electrode pair. A 0.1 M KIÎO3 
agar-agar salt bridge was used. No mention was made of con­
trolling the ionic strength. A light yellow precipitate 
formed after the addition of a few drops of 1,10-phenanthro-
line solution. A large potential break of about 250 to 300 
millivolts was observed in the plot of electrode potential vs. 
moles of 1,10-phenanthroline added per mole of AgNO-^, The 
position of the potential break indicated the formation of 
bis(1,10-phenanthroline)silver(I). 
No indication of the formation of a tris(l,10-phenan-
throline)silver(I) or a mono(1,10-phenanthroline)silver(I) 
complex was observed. This indicates that the second step 
formation constant is quite large and that the tris complex 
is weak or nonexistent. 
To characterize the precipitate which formed in the 
titration Grimes (24) dissolved a quantity of the precipitate 
in 0.1 M H2SO4 and determined the amount of 1,10-phenanthro­
line by ultraviolet spectrophotometry. The result indicated 
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that the precipitate was bis(1,10-phenanthrollne)silver(I) 
nitrate, AgP2N0j. 
A similar titration of silver sulfate with 1,10-phenan-
throline was performed. The character of potentiometric plot 
was identical to that obtained in the prior titration. One 
principal difference was noted. No precipitate formed in 
this titration. 
Because the insolubility of would simplify the 
use of the competitive method in the study of metal-1,10-
phenanthroline systems. Grimes (24) chose to further develop 
and utilize the Ag/AgPg^O^ electrode. 
The values of Pg for the AgP2^^ chelate and the solubil­
ity product constant, Kgp, for AgPgNO^ were determined from 
the above titrations. Grimes (24) reported values of 10^^'^ 
mmR A 
and 10" * respectively, while Fullerton (20) reported values 
of 10^^*^^ and 10"®*^^. The mode of calculation used by 
Pullerton (20) involves the following equations: 
(AgPg"^^) 
@2 = T (44) 
(Ag+^) (P)2 
(P?) = (P) + (HP+^) + 2(AgP2+l) (45) 
(Ag+l^) = (Ag+^) + (AgPg"^^) . (46) 
Experimental points from the above described titrations 
were used. The points were taken after the equivalence point 
of the titration so that the AgP^^"*"^ species could be Ignored 
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in the computations. Equations 44, 45 and 46 are then com­
bined to give 
^2 = 
(Ag+i) 
(P^) - 2(Ag+\) - 2(Ag+^) +1. 
(47) 
The value of gg then determined from the experiment­
ally measured pH and concentration of uncombined silver(I) 
in a solution of known total concentrations of silver and 
1,10-phenanthroline. 
Similarly the Kgp for AgPgNO^, 
Kgp = (AgP2+l)(N03-l) (48) 
was determined assuming that after the equivalence point in 
the the titration 
(NO^'l) = (AgPg*^) + (Ag*l) s (AgPg+l) 
The final expression used by Fullerton (20) was 
'(P?) - 2(Ag+\) + 2(Ag-»-i) 
(49) 
K sp 
1 + 
(50) 
B. The Ag/AgPgNOj Electrode 
In the present work the Ag/AgPgNO^ electrode was used to 
datermine the concentration of uncombined 1,10-phenanthroline, 
The electrode is an electrode of the second kind analogous to 
the silver halide, Ag/AgX, electrodes. That is, it consists 
of a metal, silver, and an insoluble salt of the metal, 
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The electrode reaction is somewhat more involved 
than the Ag/AgX electrode reaction in that the complex cation, 
AgP2'*'^, has a dissociation reaction which must be considered 
AgPgNOjfs) AgPg+l + NO3-I (51) 
AgPg+l =î Ag+1 + 2P. (52) 
The overall electrode reaction is 
AgPgNO^fs) + e'^ ^  Ag° + 2P + (53) 
Upon considering Equations 44 and 48 it can be shown that the 
concentration of uncombined silver(I) in a solution saturated 
in AgPgNO^ is 
(Ag+l) = |2E . (54) 
A silver electrode dipping into a solution saturated in 
AgPgNO^ would respond to this concentration of uncombined 
silver(I) according to the Nernst equation at 25°C, 
E = EO^g+l/Ag + 0.059 log (Ag+1) (55) 
= + 0.059 log ^  - 0.059 logfNOj-l) 
- 0.113 log(P). (56) 
The potential of the silver electrode then is dependent upon 
the concentrations of nitrate ion and uncombined 1,10-phenan-
throline. If the concentration of nitrate ion is kept con­
stant or if the electrode potential is corrected for the 
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nitrate ion contribution, the potential of the silver elec­
trode will be dependent only upon the concentration of uncom-
bined 1,10-phenanthrollne. 
The first two terms in Equation 56 are essentially the 
E° for the Ag/AgPgNOj electrode, , 
E = E°^g/AgP2N03 - 0-059 logfNO^-l) - 0.118 log(P).(57) 
A value for B°Ag/Ag?2M02 calculated by Pullerton (20) 
from these terms. The value obtained was -0,378 volt vs, the 
SOE, Grimes (24) experimentally determined He 
performed a titration of a solution containing 1 x 10"^ % 
KOH, 1 X 10'^ M KNOj and 1 x 10"^ M 1,10-phenanthroline with 
a titrant solution containing 1 x 10"^ m KOH and 1 x 10"^ M 
OOj, The concentration of 1,10-phenanthroline was varied 
from 1 X 10"2 m to 5 x 10"^ M, The course of the titration 
was followed with a Ag/AgPgNO^ electrode, A saturated 
calomel electrode, separated from the titration solution by 
a 0,1 M KNO-j agar-agar salt bridge, was used as the reference 
electrode. Equation 57 was used to calculate the value for 
^°Ag/AgP2N03* ^ value of -0,311 volt vs. the SOE was 
obtained. 
Grimes (24) and Pullerton (20) used the electrode in a 
direct potentiometric technique. That is, they calculated 
concentrations of uncombined 1,10-phenanthroline from the 
experimentally measured electrode potentials using Equation 
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57. Corrections for the nitrate ion contribution to the 
electrode potential had to be made. As previously noted 
the used by Pullerton (20) was calculated from 
Equation 56 which includes the value of ^2 for and the 
Kgp value for AgPgNO^. These values were in turn determined 
from the titrations where the ionic strength was not con­
trolled. Hence, the exact validity of his 
the hydrogen- and metal-1,10-phenanthroline systems is 
questionable. 
The same criticism applies to the work by Grimes (24). 
The was determined at an ionic strength of about 
2 X 10"4 M while the ionic strength in his hydrogen-1,10-
phenanthroline study was about 0.07. 
When one employs direct potentiometry the results are 
only as good as the ability to reproducibly prepare the elec­
trodes. Further, for the best results one must eliminate or 
render constant any undesirable effects due to liquid junction 
potentials, 
C. Electrode Preparation 
The procedure used to prepare the Ag/AgPgNO^ electrodes 
was similar to that described by Meites and Thomas (43) for 
Ag/AgCl electrodes. Silver electrodes were cleaned by dipping 
them into 6 M HNO3 for about one minute. After rinsing thor­
oughly with distilled water, the electrodes were anodically 
oxidized for two minutes in a solution which contained 
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1 X 10"3 M OO5 and 1 x 10"2 M 1,10-phenanthroline. A 1.5-
volt dry cell was used as the source of current and a circular 
platinum gauze electrode was used as the auxilary electrode. 
The current density was about 0.5 mamp/cm^. 
Two types of silver electrodes were used. Some were com­
mercial silver billet electrodes (Beckman 39261) while the 
others were prepared in this laboratory from 20 gauge silver 
wire. The end of the silver wire was wrapped into a helix. 
The wire was then heat sealed into a length of soft glass 
tubing leaving only the helical portion of the wire exposed 
to the solution. 
The electrodes were anodically oxidized before each 
titration. The titration medium was kept saturated in 
AgPgNO^j by an addition of an excess of the insoluble salt 
to the solutions being used. 
Five Ag/AgP2N03 electrodes (two silver billet electrodes 
and three silver wire electrodes) were employed in the titra­
tion used to prepare the standard Ag/AgPg^O^ electrode 
response plot and in the titrations in the metal- and hydrogen-
1,10-phenanthroline studies. An average value for the concen­
tration of uncombined 1,10-phenanthroline in the metal- and 
hydrogen-l,10-phenanthroline studies was calculated from the 
values indicated by the five electrodes. This average value 
was used in the computation of the over-all formation con­
stants. 
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Grimes (24) and Pullerton (20) prepared their Ag/AgPg^O^ 
electrodes in a somewhat different manner. Silver billet 
electrodes were cleaned and polished with scouring powder and 
the electrodes were electroplated for about 45 minutes to 
produce a much thicker layer of AgPgNO^. This author and 
Dale (14) experienced difficulty in preparing reproducible 
electrodes by this procedure. 
D. Summary of the Potentiometric Procedure Used to 
Obtain the Over-all Formation Constants 
To minimize the problems cited in the direct potentio­
metric technique employed by Grimes (24) and Pullerton (20) 
the following procedure was used. By a titration procedure 
the concentration of uncombined 1,10-phenanthroline was varied 
from about 3 x 10"^ M to about 1 x 10"^ M while the concen­
trations of KOH and KNO5 were kept constant at 1 x 10"^ M. 
The ionic strength was maintained at 0.1 with K2SO4. The 
solution was saturated in AgPgNO^ by the addition of an 
excess of the solid salt. Anodically oxidized silver elec­
trodes were placed in the solution and their potential vs. 
the SCE was measured as the titration was performed. A 
standard Ag/AgP^NO^ electrode plot of electrode potential 
vs. the log(P) was prepared. 
A second titration was performed in an identical manner 
to the above titration except that the solution contained 
5.105 X 10"^ M H2SO4 instead of the KOH. Prom the electrode 
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potentials obtained in this latter titration and the standard 
electrode response plot obtained in the former titration, 
values of the concentration of uncornbined 1,10-phenanthroline 
for each experimental datura point can be determined. In this 
manner the experimental data necessary to conpute the forma­
tion constants of the species was obtained. 
E. Apparatus Used in the Potentiometric Investigation 
The titrations were conducted in a stoppered Teflon 
beaker (400 ml.). The titration system was continually 
flushed with carbon dioxide-free helium to minimize adsorp­
tion of atmospheric carbon dioxide by the unbuffered basic 
solution used in procedure for the preparation of the stan­
dard Ag/AgPgîfO^ electrode response plot. The titrant solu­
tion in the buret was protected from atmospheric carbon 
dioxide by a drying tube containing Ascarite. 
A fiber type saturated calomel electrode waj used as the 
reference electrode. It was placed in a beaker containing 
0.0333 M K2SO4 (fi = 0.1). The reference electrode compart­
ment was connected to the titration system by a salt bridge 
employing ultrafine porosity Pyrex disks to minimize solution 
transfer. Several salt bridge solutions were considered. 
These solutions were evaluated by considering their compati­
bility with the titration solution and from their effect on 
the junction potential of the system. 
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The salt bridge solution is essentially limited to a 
sulfate salt. Nitrate salts are unfavorable since the 
Ag/AgPgNO^ electrode responds to nitrate ion. Seepage of 
chloride ion into the titration vessel would be unfavorable 
because of the effect the chloride ion would have on the 
electrode system, Perchlorate salts are unfavorable since 
many metal-l,10-phenanthroline perchlorate salts are insoluble. 
To estimate the magnitude of the junction potential, Ej, 
between two solutions at 25°C the well known Henderson equa­
tion which may be found in most advanced texts on electro­
chemistry (39) was used 
I I 
0.059 s U,/zi(Ci" - 0,') S Ci'Ui 
, = 1=1 L log isi (58) 
I I 
n s U. (Ci" - Ci') s Ci"Ui 
i=l ^ i=l 
where is the mobility of an ion of charge, 2j_, and C' and 
C" are the concentrations of the ion on the right and left 
hand side of the junction respectively. In most work mater­
ials like potassium chloride or potassium nitrate are used in 
high concentration in the salt bridge to minimize the poten­
tial at the liquid junctions. The mobilities of the anion 
and cation of these salts are nearly equal. However, for 
reasons mentioned above these materials are unfavorable in 
this system. 
With potassium sulfate as the salt bridge solution the 
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estimated Junction potentials are generally larger but they 
can be rendered negligible by having nearly identical solu­
tions on each side of the junction. For this reason a 0.0333 
M K2SO4 solution similar to that used in the titration solu­
tions was employed as the salt bridge solution in all the 
titrations. 
P. The Reaction Between Potassium Ion and 1,10"Phenanthroline 
The assumption inherent in the preparation of the stan­
dard response plot is that when the concentration of 1,10-
phenanthroline is altered by the addition of the titrant, 
there is no combination of 1,10-phenanthroline taking place. 
That is, all the added 1,10-phenanthroline is free or uncom-
bined. 
However, the titration medium, as previously noted, con­
tains a considerable amount of potassium ion and Grimes (24) 
and Pullerton (20) report that 1,10-phenanthroline reacts with 
the alkali metals. They determined values of the pQ^s for the 
1:1 and 1:2 1,10-phenanthroline complexes of lithium, sodium 
and potassium. Their reported values for the log 3^ of the 
and EPg^'^ complexes were 2.09 and 4,93 (24) and 1.0 and 
5.09 (20). 
Dale (14) felt that tlese values were excessive and he 
concluded that complexation of potassium ion by 1,10-phenan­
throline was negligible in his study. The evidence cited 
included no significant change in the potential value of a 
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silver electrode dipping into a solution of silver ion, 1,10-
phenanthroline and a variable concentration of potassium 
sulfate. Further, Dale (14) cited that there was no notice­
able decrease of the ultraviolet absorption peaks of a 1,10-
phenanthrollne solution even in 1 M KCl. 
If the complexation of potassium ion by 1,10-phenanthro-
line was significant, an electrode potential measurement with 
a glass electrode responsive to univalent cations, having the 
following response at 25°C, 
E = constant - 0.059 log 
could be used to detect a change in the concentration of un-
complexed potassium ion. Two solutions each containing 
5 X 10"^ M K2SO4 and 1 x 10""^ M KOH were prepared. One solu­
tion also contained 1 x 10~^ M 1,10-phenanthroline. If there 
is complexation of potassium ion by 1,10-phenanthroline, the 
total concentration of potassium ion, would be 
(K^+l) = (K+l) + (KPi+1) + (KPg*^) (59) 
= (%+l) Cl + Bi(P) + • (60) 
Hence, the concentration of uncoaplexed potassium ion would be 
lower in the solution containing 1,10-phenanthroline. Using 
the values of reported by Grimes (24) and Pullerton (20) a 
minimum electrode potential difference of about fifty milli­
volts should be observed between the two solutions. Duplicate 
electrode potential values vs. a SCE were obtained on the two 
solutions. The results on the solution which contained 1,10-
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pheuanthroline were 113 and 112 millivolts, and the results 
on the solution which did not contain 1,10-phenanthroline 
were 112 and 112 millivolts. 
These results indicate that there is no significant co%-
plexation of potassium by 1,10-phenanthroline under these 
experimental conditions. This is another piece of evidence 
indicating that the values of reported by Grimes (24) and 
fullerton (20) for the and species are indeed 
excessive. 
The solubility study to be described below further indi­
cates that no complexation of potassium occurs even in solu­
tions saturated in 1,10-phenanthroline, 
As a result of these studies it was decided that the 
interaction between potassium ion and 1,10-phenanthroline was 
negligible in the present investigation, 
G. The Standard Ag/AgPgNO^ Electrode Response Plot 
The electrode response plot was obtained in the following 
manner. Two solutions were prepared. The solutions were of 
identical composition except that one solution, the titrant, 
contained a known concentration of 1,10-phenanthroline, about 
0.015 M, Both solutions contained 1.000 x 10"^ M KNOj to 
maintain a constant nitrate ion concentration. Hence, the 
contribution by nitrate ion to the potential of the 
Ag/AgPgMO^ electrode would be constant throughout the titra­
tion. Both solutions contained 1 x 10"^ M KOH to keep the pH 
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of the medium at 10 to inhibit the reaction between hydrogen 
ion and 1,10-phenanthroline. In this manner all the added 
1,10-phenanthroline woiild be uncombined. Both solutions con­
tained potassium sulfate to maintain the ionic strength at 
0.1. At constant ionic strength the activity coefficients 
remain constant so that concentrations instead of activities 
of the ionic components in the system could be employed in 
the subsequent calculations. 
Forty milliliters of the solution which had no 1,10-
phenanthroline was then titrated with the titrant solution 
which contained 1,10-phenanthroline. By this procedure the 
concentration of 1,10-phenanthroline in the system was varied 
over about two orders of magnitude while the nitrate ion 
concentration, pH and ionic strength of the medium were held 
constant. 
The system was usually quite slow in coming to steady 
potential values particularly when the concentration of 1,10-
phenanthroline was low. This was undoubtedly due to the com­
plex nature of the electrode reaction. It was often necessary 
to allow the system to equilibrate for more than an hour from 
the time of the addition of the titrant to when reasonably 
steady electrode potentials were obtained. Potential readings 
%rere taken every five minutes and the system was considered to 
be at equilibrium when successive electrode potential values 
varied by less than about 0.15 millivolt. 
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A standard electrode response plot of Ag/AgPgNO^ elec­
trode potential vs. the concentration of uncombined 1,10-
phenanthroline was prepared for each of the five Ag/AgPg^^O^ 
electrodes. The standard electrode response plot of a typical 
Ag/AgPgNOj electrode is shown in Figure 1. 
The response plots for the electrodes consisted of two 
regions both of which were in themselves colinear, but the 
two regions had slightly different, non-Nernstian slopes. 
The inflection point occurred at about 2 x 10"^ M 1,10-
phenanthroline. The slope of the region of low concentration 
of 1,10-phenanthroline was always greater than the slope of 
the high 1,10-phenanthroline region. Two experimental trials 
consisting of two titrations each were used to prepare the 
standard electrode response plots for the investigation of 
the system. The slope values for the individual 
Ag/AgfgiN^^ electrodes in each trial are listed in Table 1. 
Table 1. Experimental slope values of the Ag/AgPg^Gj elec­
trodes in the standard electrode response plot& 
Electrode Slope 
Trial 1 Trial 2 
Silver billet 1 96/94 97/95 
Silver billet 2 102/93 102/93 
Silver liire 4 108/98 110/95 
Silver wire 5 109/98 112/92 
Silver wire 6 108/97 111/98 
^Values obtained at 1.000 x 10"^ M KNO3, pH = 10, 
p. = 0.1 and t = 25*^ + 0,05°C. 
200 
150 
SLOPE = 109 
100 
50 
0 — 
° TRIAL I 
X TRIAL 2 
SLOPE=98 
-50 
-100 
-150 
MOLAR CONC. OF UNCOMBINED 1,10-PHENANTHROLINE, [p] 
Figure 1, Standard Ag/AgPgNO^ electrode response plot 
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The slope values are listed in the following manner; slope 
of the region of low concentration of 1,10-phenanthroline/ 
slope of the region of high concentration of 1,10-phenanthro-
line. The theoretical Nernstian value for the slope is 118,30 
millivolts. 
This type of non-Nernstian, two-slope response was 
observed with both the silver billet and silver wire elec­
trodes. It was observed in titrations carried out at low 
ionic strength (2 x 10"^) as well as in the titrations at an 
ionic strength of 0.1, The difference in slope values of the 
two regions was greater at the lower ionic strength. Slope 
values of about 105/80 were observed with the silver billet 
electrodes and values of about 113/33 were observed with the 
silver wire electrodes at the lower ionic strength. Similar 
electrode response plots were also obtained in a system where 
tetramethylammonium sulfate instead of potassium sulfate was 
used to control the ionic strength. The two-slope electrode 
response plots were observed when titrations were conducted 
at higher concentrations of potassium nitrate. Similar re­
sults were observed when different materials were used in 
the salt bridge and also vriien the titration solutions were 
or were not presaturated by the addition of excess, solid 
AgP2N03. Some Ag/AgPgOlO^ electrodes were prepared. They 
behaved like the Ag/AgPg^O^ electrodes in their response to 
the concentrations of uncombined 1,10-phenanthroline, Some 
Ag/AgCl electrodes were prepared and their response to the 
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concentration of chloriae ion at an ionic strengtia-'oT 0.1 
(003) -was determined. The Ag/AgCi electrode response plot 
•was linear from 1 x 10"^ to 1 z iO~^ M KOI with a slope value 
of about 54.5 compared to the theoretical Nemstian value of 
59.15. 
This type of two-slope, non-Nernstian response has been 
reported by other workers. Bishop and Dhaneshwar (9) have 
observed a two-slope, non-Nernstian response of various types 
of silver and silver halide electrodes to the concentrations 
of both silver and halide ions. They report that the elec­
trodes respond to the concentration of silver ion with an 
efficiency of 65 to 75 per cent which results in slope values 
differing from the theoretical value. They also suggest that 
this behavior is not well documented since most workers are 
concerned with the performance of the silver halide electrodes 
as reference electrodes and not with their performance as 
indicator electrodes, 
H. The Over-all Formation Constants for the 
Hydrogen-l,10-phenanthroline Species 
In the determination of the values of 8^^ for the 
species a titration "vras conducted in a similar manner to that 
used to obtain the standard Ag/AgPgNO^ electrode response 
plots except that the two solutions used in the titration 
contained 5.105 x 10"^ M H2SO4 in place of 1 x 10"^ M KOH. 
Both solutions contained 1.000 x 10"^ M KÏÏO3 and had an ionic 
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strength of 0,1 (K2SO4). Three experimental trials were con­
ducted. The titrant solutions contained about 3.7 x 10"^ M 
1,10-phenanthroline, The concentration of uncombined 1,10-
phenanthroline at each datum point was determined for each of 
the Ag/AgP2ÎîO^ electrodes using the electrode potential values 
in the titration and the previously obtained standard 
Ag/AgPgNO^ electrode response plot for each electrode. 
The plot of Ag/AgPgNOj electrode potential, Ë, vs. log 
(Pj) for a titration is shown in Figure 2. Tables 2-4 
show the progress of the titrations for each experimen­
tal trial. The values reported for the Ag/AgP2N03 electrode 
potential, E, and for the concentration of uncombined 1,10-
phenanthroline, P, are average values from the five 
Ag/AgPgNO^ electrodes. The experimental n values, ng, are 
calculated from Equation 40 and the calculated n values, n^, 
are calculated in the computer program from Equation 41 using 
the previously determined conditional over-all formation con­
stants of the EP^*^ species. The agreement between the two 
values for n is a measure of the fit of the weighted least 
squares computer program to the experimental data. The form­
ation curve of n vs. log (P) is a graphical representation of 
this fit. Figure 3 shows the formation curve for Trial 1 of 
the study. Figure 10 which is shown later compares the 
formation curve of the HP%*^ system with those obtained in 
the CdPa+2 and ZnP^^"^^ studies. 
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Table 2. The titrati 
line., trial 
on of hydro 
1& 
gen(l) with 1,10-phenanthro-
T 1-^1-ant 
(=1. ) 
PoicloS 
"(K) 
i 
(mv. ) 
P 
Va) 
1.50 C.1263 264.9 2.36x10-^ 0.12 C.12 
3.00 0.2437 230.4 5.99 0.24 0.25 
5.00 0.3881 199.7 1.12x10-5 0.38 0.38 
7.03 0.5202 175.7 1.88 0.51 0.51 
9.00 0.6416 154.8 2.96 0.63 0.62 
11.00 0.7533 132.2 4.86 0.73 0.73 
14.00 0.9056 94.0 1.12Z10-4 0. 88 0.87 
17.00 1.042 46.0 3.19 0.99 0.99 
SO.00 1.164 8.6 6.99 1.07 1.07 
24.00 1.310 -20.8 1.34x10-3 1.15 1.16 
32.00 1.J53 -45.3 2.41 1.29 1.32 
45.00 1.349 -65.6 3.51 1.47 1.46 
65.00 2.162 -74.7 4.94 1.63 1.63 
CO.00 2.418 -84.6 6.13 1.77 1.76 
140.00 2.717 -93.6 7.62 1.91 1.89 
ISO.CO 2.886 
-99.1 8.69 1.98 1.98 
^•Tiie titrant solution contained 0.03493 M 1,10-pbenan-
tiiroline. 
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Table 3. The titrât 
line, tria 
ion of hydro 
1 2^ 
gen(I) with 1,10-phenan uhro-
Titrant 
(=1.) 
P?xl02 E 
(-V. ) 
•D 
(M) 
ne 3c 
1» 50 0.1350 266.4 2.70x10-6 0.13 0.13 
3.00 0.2607 229.7 5.89 0.25 0.25 
5.CO 0.4151 197.9 1.13x10-5 0.41 0.40 
7.00 0.5564 173.1 2.03 0.54 0.54 
9.00 0.6361 147.3 3.42 0.67 0.67 
11.00 0.6059 121.3 6.13 0.73 0.78 
14.00 0.9685 72.7 1.76x10-4 0.93 0.93 
17.00 1.114 22.0 5.27 1.04 1.04 
20.00 1.245 -9.3 1.04x10-3 1.12 1.12 
24.CO 1.401 -32.4 1.70 1.21 1.21 
32.00 1.160 -56.5 2.93 1.33 1.35 
45.00 1.973 -74.8 4.65 1.48 1.52 
65.00 2.312 -So. 4 6.15 1.66 1.65 
90.00 2.586 -94.6 7.57 1.79 1.76 
140.CO 2.906 -103.8 9.57 1.91 1.89 
^Th.e titrant solution contained 0.03736 % 1,10-phenan-
tlirolini. 
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Table 4, The titration of hydrogen ion with 1,10-phenanthro-
line, trial 3^ 
Titrant 
(ml.) 
PmXlO^ 
(M) 
i 
(av. ) 
? 
(M) %e 
1.50 0.1355 266.5 2.73x10-6 0.13 0.13 
3.00 0.2616 229.8 5.91 0.26 0.25 
5.00 0.4166 197.6 1.13x10-5 0.41 0.40 
7.00 0.5584 171.5 2.07 0.54 0.54 
9.00 0.6536 147.2 3.49 0.67 0.67 
11.00 0.8086 120.5 6.23 0.79 0.79 
14.00 0.9720 7.10 1.82x10-4 0.93 0.94 
17.00 1.118 21.2 9.25 1.04 1.04 
20.00 1.250 -10.0 1.05x10-3 1.12 1.12 
24.00 1.406 
-32.5 1.71 1.21 1.21 
32.00 1.667 -56.3 2.98 1.34 1.35 
45.00 1.985 ro 4.61 1.49 1.51 
65.00 2.321 -36.9 6.26 1.66 1.65 
90.00 2.592 -95.7 7.72 1.78 1.75 
140.00 2.916 -106.3 1.00x10-2 1.88 1.89 
^The titrant solution contained 0,03749 M 1,10-phenan 
throline. ~ 
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It should be noted that the maximum value of n obtained 
in the potentiometric study was about 1.9. However, a three-
psrameter least squares computer program, which determines 
values of for three species, was used for the compu­
tations. The principal reason for using a three-parameter 
program was that the slope of the plot of solubility of 1,10-
phenanthroline as a function of the total concentration of 
hydrochloric acid was 2.23. This is essentially a maximum 
possible value of n for the system which is realized 
only in solutions saturated in the ligand, A value of n 
greater than two indicates that three species must be con­
sidered in the computations. Further, the agreement between 
the calculated and experimental values of n was good for all 
the experimental data and in the resulting formation curve as 
the value of n approaches two, the curve is still quite steep 
indicating that values of n greater than two would be obtained 
in higher concentrations of 1,10-phenanthroline, 
To further substantiate the validity of the three-
parameter program a two-parameter least squares program was 
tried on the same experimental data. The agreement between 
the experimental and calculated values of n, which is a qual­
itative measure of the fit of the program to the data, was 
poor for values of n greater than about 1.3. As the value of 
n increased the agreement became poorer, indicating that the 
system was not adequately described by considering only two 
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species. 
The resulting values of 6^^' obtained directly from the 
computer program are conditional constants which are valid 
only for the particular set of conditions employed in the 
experimental system. Table 5 lists the values of log for 
the species with their estimated standard deviations. 
Table 5. The over-all conditional formation constants for 
the hydrogen-l,10-phenanthroline species^ 
Trial log log Pg' log 33' 
1 4.76+0.02 6.84+0.07 8.86+0.09 
2 4.77 + 0.01 6.88 + 0.04 8.66 + 0.09 
3 4.77 + 0.02 6.90 + 0.04 8.61 + 0.10 
^Values are not corrected for the bisulfate ion, 
HL = 0.1, t = 25° + 0.05°C. 
The stoichiometric formation constants, for the 
species were obtained by correcting the conditional 
formation constants for the competing bisulfate reaction 
+ 504-2 - HSO4-I . (61) 
The concentration of hydrogen ion not combined with 1,10-
phenanthroline, is 
+ (hso4"^) (62) 
= (H+^) [1 + 9HS0i^(S04'^)] (63) 
where is the reciprocal of the bisulfate acid dissocia-
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tioa coastant, Kjjgo^* average value of tils thermodynamic 
^HSOZf reported in the literature is 1.02x10"^ (23). Using 
this value and the ionic activity coefficients reported by 
Kielland (29) a correction factor of 2,25 was obtained. The 
over-all stoichiometric formation constants for the 
species are listed in Table 6 with the values reported by 
other workers. 
Table 6, The over-all stoichiometric formation constants of 
the hydrogen-l,10-phenanthroline species^ 
Trial log 3^ log Bg log P3 Reference 
1 5.11 7.25 8.93 
2 5.11 7.23 8.99 
3 5.10 7.19 9.18 
5.05 8.40 10.30 (24) 
5.27 8.01 12.07 (20 
4.96 (36) 
5.2 (17) 
4.96 (11) 
4.92 (33) 
4.86 (50) 
4.657 (45) 
4.92 (69) 
5.07 (25) 
4.98 (27) 
5.02 (47) 
5.47 (37) 
4.95 (35) 
^ Value s reported without a ^ reference are from this work. 
Values for the degree of formation, of the 
species were calculated using the values of the over-all stoi­
chiometric formation constants, and Equation 27. The value 
of is the fraction of the total hydrogen ion in the form 
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of the species. These values have been calculated 
using average values of the Pj^'s obtained in the three trials. 
The degree of formation plot of vs. log (P) is shown in 
Figure 4, It should be noted that the species is the 
most predominant species except in high concentrations of 
uncombined 1,10-phenanthroline, As the concentration of 1, 
10-phenanthroline is increased, the higher order species, 
and. become more and more significant. 
The difference between the a values for the system 
and those for the CdPg*^ and systems. Figures 11 and 
12, should be noted. The step formation constants and the 
+2 
over-all formation constants in the systems are orders 
of magnitude greater, than those in the HP^*^ system. This 
markedly affects the character of the a plot. There is a 
greater separation of the peaks of the individual MP^*^ 
species and in the highest concentrations of 1,10-phenanthro-
line the metal is almost completely in the form of 
It is possible to calculate another type of o- value, a'. 
These may be defined as the fraction of the'total 1,10-
phenanthroline that is uncombined,or in the form of the 
HPn"'"^ species, 
. - (64) 
u - (Pt) 
'  -  - -  (65 )  
%(HP%+1) 
^ " (PT) 
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Figure 4, Degree of formation, », for hydrogen-1,10-phenanthroline 
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= .  (66)  
(P) + £ a.^ 
n=l 
The a values are a function of the concentration of un-
combined 1,10-phenanthroline, but the ' values are also 
dependent upon the total concentration of hydrogen ion. 
Values of have been calculated at the following concentra­
tions of total hydrogen ion: 1 x 10"^, 1 x lO"^ and 1 x 10"^ 
M These values are shown as a function of the concen­
tration of uncombined l,10-phei:anthroline in Figures 5, 6 and 
7 respectively. 
The results again demonstrate that as the concentration 
of uncombined 1,10-phenanthroline is increased, the signifi­
cance of the higher order species becomes greater. 
Further, at a specific concentration of uncombined 1,10-
phenanthroline, the significance of the higher order species 
is greater the higher the total concentration of hydrogen ion. 
To demonstrate the effect the higher order HP%*^ species 
have on the pH of the system a hypothetical neutralization 
titration of 100 ml. of 0.01 M 1,10-phenanthroline"with a 
0,1 M solution of a strong acid was considered. The n func­
tion, Equation 26, for the system (N = 3), was rear­
ranged^ to a fourth degree polynomial in (P), 
[e^[n(%+l) - (P?)] + 3n-ij (P)* = 0 (67) s 
n=0 
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where, by definition, 3q = 1, 3_2. = 0 and. = 0. The roots 
of the expression for several points along the titration were 
computed on an IBM 7074 computer by a root finder technique. 
One real, positive root was obtained for each point. Using 
the resulting values for (P), values of for the uncombined 
hydrogen ion could be calculated using Equation 27', Prom the 
values of the concentration of uncombined hydrogen ion, 
and hence pH, could be obtained from 
(H+1) = c^o . (68) 
The resulting plot of pH vs. the ratio of moles of acid 
added per mole of total 1,10-phenanthroline is compared in 
Figure 8 to the pH calculated in a similar manner but only 
the species is considered. 
Only a slight difference between the two curves is 
observed. This occurs in the initial portion of the titra­
tion where the concentration of uncombined 1,10-phenanthro­
line is highest. As the neutralization proceeds the concen­
tration of uncombined 1,10-phenanthroline decreases and the 
difference between the two curves decreases. The pH values 
for the case where the higher order species are considered is 
greater than in the case where only the species is 
considered. In either case the equivalence point of the 
titration would be Identical, 
Lee et al. (36) show a similar plot comparing the exper­
imental and calculated values of pH during a titration of 
0.01 M 1,10-phenanthroline with 0.2 M HCl. Their calculated 
8 
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Figure 8. pH study 
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pH values were obtained by considering only the species. 
The agreement between the two curves if good except in the 
initial region of the neutralization where the concentration 
of uncomblned 1,10-phenanthroline is highest. Their experi­
mental pH values are higher than their calculated pH values, 
as would be the case if the higher order species were present 
but unaccounted for. 
Krumholz (33) determined the pKa of by a potentio-
metric titration of 1,10-phenanthroline with HCl. He noted 
an increase in of about 30^ in passing from the beginning 
to the end of the neutralization reaction. He noted that a 
similar trend in Ka was visible in the titration curve pre­
sented by Lee et al. (36). This increase in Kg. may also be 
explained by considering the higher order species. This can 
best be illustrated by considering the reaction for the form­
ation of the HP]_"^^ species, 
H+l + P = HPi+1 I (HP2"^^, HPj+l) . (69) 
The formation of the higher order species would tend to 
drive this reaction toward the right thereby decreasing the 
experimentally measured concentration of uncombined hydrogen 
ion (increasing the pH) and making the appear greater than 
it actually is. The higher order species are more signifi­
cant the greater the concentration of uncombined 1,10-phenan-
throline, therefore would seem largest at the beginning of 
the titration. As the neutralization proceeds, the concen-
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tration of uncombined 1,10-phenanthroline would decrease and 
the value of would decrease to its actual value. The acid 
dissociation constant for the species is the reciprocal 
of hence, it would appear lowest at the beginning of the 
titration and it would increase to its actual value as the 
neutralization proceeds, 
I, The Over-all Formation Constants of the 
Cadmium- and Zinc-l,10-phenanthroline Complexes 
The systems were studied to show the scope and to 
check the reliability of the experimental and computational 
methods. The CdB^^^ and ZnP^"*"^ systems were chosen because 
the values of 3^^ for these complexes have been determined by 
a number of other workers. The values of obtained in this 
work could be compared with their reported results. 
The values of for the systems were determined 
in a manner analogous to that used in the study of the 
system. Since the OdP^^^ and Zn?^"*"^ complexes are consider­
ably more stable than the species, the standard elec­
trode response plot was prepared to about an order of 
magnitude lower in the concentration of uncombined 1,10-
phenanthroline. To aid in extending this lower limit a 
higher concentration of OO3 (1.000 x 10"^ M) was employed 
in the system. For the study of the CdP%*^ system both 
solutions used in the titration contained 1,079 x 10~^ M 
CdS04 and in the ZnP^"*"^ study both solutions contained 
65 
1.030 X 10"^ M ZnSO^, The medium was buffered at a pH of 
about 4.6 with a 0.0100 M acetic acid and 0.0100 M potassium 
acetate buffer. The ionic strength was maintained at 0.1 
with K2SO4. The titrant solutions contained about 1.5 x 10"^ 
M 1,10-phenanthroline. Two experimental trials were conducted 
on each system. 
In the studies it was noticed that the pH of the 
titration medium increased by about two or three tenths of a 
pH unit from the beginning to the end of the titration. This 
change could have been reduced by employing a medium with a 
greater buffer capacity. Instead the actual pH values were 
calculated for each experimental datum point. The change in 
pH was due to the following reaction between 1,10-phenanthro-
line and acetic acid, HAc, 
nP + HAc= + Ac-1 , (70) 
The total concentration of the species can be 
calculated from 
3 3 
S = (H+1) s (71) 
n=l n=l 
by assuming an initial value for (H"*"^). A better estimate of 
the (H"^^) or pH was then obtained from^ 
(HAc) - (HPn^l) 
pH = pKa - log —— (72) 
(Ac"l ) + 2 (HP^"^ ) 
n=l ^ 
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where Is the acid dissociation constant of acetic acid 
(40) and (HAc') and (Ac"^*) are the initial concentrations of 
acetic acid and potassium acetate respectively. The iteration 
was conducted until successive values of pH agreed to within 
0.001 pH unit. The calculated pH values agreed well with 
some experimental values. 
The total concentration of 1,10-phenanthroline combined 
with the hydrogen ion for each datum point in the 
studies can then be determined from 
S n(Hp/^) = (H+^) s (73) 
n=l n=l 
In this manner the experimental data in the studies 
were corrected for the EP%*^ species. This correction must 
be made before the computer computations are performed in 
order to obtain meaningful results. If this correction is 
not made before the computations are performed, some experi­
mental values of n will exceed three. The computer then 
attempts to describe experimental data, that appears to be 
from a four-parameter experimental system, with a three-
parameter program and spurious results are obtained. 
The total concentration of 1,10-phenanthrollne not com­
bined with hydrogen ion, (P^' ) , in the system is 
3 
(P?') = (P?) - 2 n(HP^+^) . (74) 
n=l 
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The n function for the system is 
3 
(P?) - S n(HP^+l) - (P) (Pp') - (P) 
n=l 
n = ; (75) 
(%+2) (M^+2) 
and the rearranged n function used in the weighted least 
squares computer program is 
3 
s Bn(P)* [(P?') - (P) - n(Mg.+-)] = 0 . (76) 
n=0 
Figure 9 compared a plot of i vs. log (P^) for the CdP^"*"^ and 
ZnPj^"^^ investigations with that obtained in the HP^+l investi­
gation. The progress of the titrations on the CdPg+2 and 
ZnP^+2 systems are shown in Tables 7-10. The quantities, E 
and P, are the average values of the Ag/AgP^KO^ electrode 
potentials and the average values of the concentrations of 
uncombined 1,10-phenanthroline determined by the five 
Ag/AgPgNO^ electrodes. The values for the experimental n, 
Zg, were calculated from Equation 75 and the values for the 
calculated n, n^, were obtained on the computer from Equation 
41 using the previously determined values for 
The resulting values of the over-all conditional forma­
tion constants, for the CdP^^'^ and ZnP^"^^ complexes with 
their estimated standard deviations are listed in Table 11. 
The values of 3^* have, of necessity, been corrected for the 
HPg*^ species. 
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9. Titrations of hydrogen, cadmium and zinc ions with 1 10-
phenanthroline ' 
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Table 7. The titration of cadmium(II) >jlth 
line, trial 1& 
1,lO-phenanthro-
Titrant 
(ml. ) 
PmXlO^ 
(M) 
i 
(mv. ) 
P 
(M) Se âc 
1.00 0.3659 232.4 1.21x10-3 0.33 0.34 
1.50 0. 5421 209.9 1.92 0.49 0.49 
2.00 0.7143 190.8 2.86 0.65 0.65 
3.00 1.047 161.8 5.24 0.95 0.94 
4.00 1.364 137.8 8,55 1.23 1.21 
5.00 1,667 114.1 1,43x10-5 1.51 1.50 
6.00 1.875 94.3 2,15 1.73 1.74 
7.00 2.234 75.1 3.24 1.95 1.96 
8.00 2.500 58.7 4,59 2.14 2.14 
9.00 2.755 43,4 6,49 2.28 2,31 
10.00 3.000 28,9 8.86 2.44 2,44 
12.00 3.462 4.0 1.53:10-4 2.64 2,62 
15.00 4.091 -22.7 2.78 2,78 2.77 
20.00 5.000 -43.7 4.99 2.87 2.86 
25.00 5.769 -63.9 7.11 2.92 2.90 
^The titrant solution contained 0,01500 M 1,10-phenan 
throline. 
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Table 3. The titration 
line, trial 2' 
of cad 
a 
miua(II) with 1,10-phenanthro-
Titrant ?^:-:105 
*(Ii) 
Ë 
(EV. ) 
t) 
(X)  -e 
l.CO 0.3659 234.4 1.12x10"*^ 0.33 0.34 
1.50 0.5*21 210.2 1.81 0.50 0.48 
2.00 0.7143 191.2 2.65 0.65 0.65 
2.50 0.8824 175.2 3.99 0.80 0.80 
3.00 1.047 161.4 5.31 0.95 0.93 
4.00 1.273 137.6 8.75 1.23 1.19 
5.CO 1.667 115.5 1.37x10"5 1.49 1.45 
6.00 1.957 95.5 2.09 1.73 1.72 
7.00 2.234 76.8 3.11 1.95 1.98 
8.GO 2.500 56.5 4.52 2.17 2.20 
9.00 2.755 44.7 6.29 2.33 2.38 
o
 
o
 
o
 3.000 31.4 8.40 2.46 2.51 
12.00 3.462 7.5 1.42x10-4 2.68 2.69 
15.00 4.091 -18.4 2.51 2.87 2.82 
^The titrant solution contained 0.01500 M 1,10-phenan-
thi-ollne. 
71 
Table 9. The titration of zinc(Il) with 1,10' 
trial 1^ 
-phenanthroline, 
Titrant 
(ml.) 
PmXlO^ 
(M) 
Ê 
(mv. ) 
P 
(M) %e -c 
1.00 0.3683 296.2 3.35Z10-7 0.34 0.36 
1.50 0.5458 282.0 4.51 0.50 0.48 
2.00 0.7190 264.5 6.46 0.66 0.65 
3.00 1.053 243.0 1.02x10"^ 0.97 0.94 
4.00 1.373 221.7 1.58 1.26 1.25 
5.00 1.678 201.3 2.41 1.54 1.55 
6.00 1.970 181.2 3.68 1.81 1.82 
7.00 2.249 159.5 5.75 2.06 2.07 
8.00 2.517 136.3 9.31 2.29 2.30 
9.00 2.773 112.6 1.54x10-5 2.51 2.50 
10.00 3.020 84.5 2.76 2.69 2.67 
12.00 3.485 26.1 9.36 2.87 2.89 
15.00 4.118 -19.9 2.53x10-4 2.88 2.96 
20.00 5.033 -51.2 4.97 2.92 2.98 
^The titrant solution contained 0.01510 M 1,10-phenan' 
throline. 
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Table 10. Trie titration of zinc(II) with 1,10-piienanthroline, 
trial 22. 
T:. or ant 
(--1. ) 
p.T. %io3 
(il) 
5 
(zv. ) 
?  
(%)  
1.00 0.5675 297.6 5.14x10-7 0.54 0.58 
1.50 0.5445 284.5 4.07 0.50 0.48 
2.00 0.7171 269.0 5.58 0.65 0.65 
3.00 1.051 244.5 9.56 0.97 0.95 
4.00 1.569 222.7 1.48x10-3 1.26 1.25 
5.00 1.675 202.2 2.25 1.54 1.56 
6.00 1.964 182.8 5.40 1.81 1.84 
7.05 2.257 165.1 5.05 2.07 2.08 
6.00 2.510 145.6 7.75 2.29 2.50 
9.00 2.766 120.7 1.24x10-5 2.52 2.50 
10.00 5.012 90.0 2.57 2.70 2.70 
12.00 5.475 52.7 8.20 2.91 2.90 
^•riie titrant solution contained 0,015C' ^  1,10-phenan-
throlins. 
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Table 11, Over-all coaditional formation constants of the 
cadmium- and zinc-l,10-phenanthroline complexes^ 
Metal Trial log log gg' log 3^' 
Cd 1 5.55 + 0.02 10.40 + 0.02 14.53 + 0,02 
2 5.60 0,03 10.33 + 0.04 14=65 + 0.04 
Zn 1 6,03 .L 0,04 11.83 + 0.03 16.76 + 0,03 
2 6.11 + 0.03 11.38 + 0.03 16,95 + 0.03 
^Values have been corrected for the species but 
not for the metal acetate or metal sulfate complexes, 
[X = 0.1, t = 25° + 0,05°C. 
The values of the over-all stoichiometric formation 
constants, were obtained by correcting the conditional 
formation constants for the metal acetate (31) and metal 
sulfate (15,46,68) complexes. The results are shown in Table 
12 with the values of reported by other workers. 
The formation function curves, which show the agreement 
between the values of n^ and n^, for the CdPg*^ and Znfg^'^ 
systems are compared in Figure 10 to the formation function 
curve obtained in the study. The degree of formation 
curves for the and ZnP^"*"^ systems calculated from 
Equation 27 using the over-all constants are shown in Figures 
11 and 12 respectively. 
J. Solubility Study 
Rossotti and Rossotti (49) have reviewed the utility of 
solubility studies in the investigation of complex equilibria. 
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Table 12, Over-all stoichiometric formation constants of the 
cadmium- and 2inc-l,10-phenanthrollne complexes^ 
Metal Trial log log pg log Reference 
1 5.88 10.74 14.87 
2 5.93 10.66 14.98 
5.93 10.52 14.30 (13) 
5.75 10.84 13.91 (20) 
5.17 10.0 14.26 (27) 
6.01 (1) 15.19 (16) (1,16) 
1 6.32 12.12 17.03 
2 6.39 12.16 17.24 
6.83 12.05 16.92 (13) 
6.31 12.40 17.17 (20) 
6.30 11.95 17.05 (27) 
6.36 12.00 17.00 (4) 
6.5 11.95 17.05 (26) 
6.43 12.15 17.0 (32) 
6.47 12.00 13.1 (42) 
^Values reported without a reference were obtained in 
this work. 
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The solubility, S_^, of a sparingly soluble ligand. A, in the 
presence of a central metal ion, B, is 
N 
SA = S/ + 2 n(BAj,) (77) 
n=l 
which is analogous to 
N 
A = a + S n(BA^) . (78) 
n=l 
Upon considering the n equation. Equation 26, it can be sho^m 
that 
SA = s/ + (B) (79) 
where 3^° is the solubility of the ligand or the concentra­
tion of uncombined ligand, a, in the absence of the central 
metal ion and ng, n saturated, is the value of the îi function 
for the BAq system when the system is saturated with the 
ligand. 
n=l ^ ^ 
n™ = 
® N 
(80)  
0 \n 1 + 2  a )  
n=l 
Hence, the solubility of a sparingly soluble ligand in the 
presence of the central metal ion should be a linear function 
of the total concentration of the metal ion with a slope of 
The value of n^ for the system may be calculated 
from the values for and a value for the solubility of 1, 
10-phenanthroline in water. The solubility of 1,10-phenan-
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throllne in water has been determined by Grimes (24), Smith 
and Richter (54) and this author. An average value is 0.0160 
M. This ligand solubility determined in the absence of any 
central metal ion is essentially the maximum value of uncom-
bined 1,10-phenanthroline that can be attained in an aqueous 
medium. This would also be the concentration of uacombined 
1,10-phenanthroline in solutions, containing a central metal 
ion, which are saturated in 1,10-phenanthroline. The corres­
ponding value of Sg for the HPg+l system calculated from 
Equation 80 with = O.OI6O M is 2.23. This value of Hg is 
the maximum attainable value of n in the system which 
is realized only in solutions that are saturated in 1,10-
phenanthroline . 
The solubility of 1,10-phenanthroline in aqueous acidic 
medium has been measured by Grimes (24) and in the present 
work. A series of aqueous solutions of hydrochloric acid (0 
to 0.0526 M) were shaken at 25°C with an excess of solid 1, 
10-phenanthroline. A portion of the saturated supernate was 
withdrawn, diluted and made neutral. The concentration of 
1,10-phenanthroline, and hence its solubility, was determined 
by ultraviolet spectrophotometry at 265 mja . In the work by 
Grimes (24) the solubility was determined by a conductometric 
titration with standardized acid. The nature of this conduc­
tometric titration has previously been described. 
In all four experimental trials, two by Grimes (24) and 
two by this author, a linear plot of solubility of 1,10-
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phenanthroline vs. the total concentration of hydrochloric 
acid was obtained. In the four trials the ionic strength was 
controlled only in one trial by the present author (|J. =0.1 
with KCl). This author has performed a least squares method 
on the four sets of data to determine the slope of each of 
the solubility plots. The resulting slope values are listed 
in Table 13 with the range in concentration of hydrochloric 
acid used in each trial. 
Table 13. Slope of the experimental solubility plots for 
l,10-phenanthroline& 
Worker Trial Range 
HOl(M) 
Experimental 
slope 
Fahsel 1^ 0-0.0526 2.23 
2 0-0.0526 2.24 
Grimes 1 0-0.238 2.14 
2 0-0.2535 2.47 
H = 25°C. + 0.05°0. 
^Value obtained at jj. =0.1 (KOI). 
Values of n^ for the system have been calculated 
from the values of determined in this work and from those 
reported by Grimes (24) and Pullerton (20) using Equation 80. 
The results were: Fahsel, 2.23; Grimes, 2.53; and Fullerton, 
2.98. These values of n^ should be compared with the experi­
mental solubility slope values listed in Table 13. Figure 13 
shows the agreement between the experimental solubility of 
so 
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1,10-phenanthroline and the solubility curve calculated from 
Equation 79 using the values of determined in this work. 
This increase in solubility is by no means trivial. If 
one compares the solubility of 1,10-phenanthroline in vrater 
(0.0160 M) to that in 0.1 M HOI (0.259 M), a fifteenfold 
increase in solubility is observed. This increase in solubil­
ity is far greater than would be expected from "salting-in" 
type phenomena (38). 
The solubility of 1,10-phenanthroline in vater determined 
in this work was 0.0165 M. The solubility in 0.1 M KCl was 
somewhat less, 0.0162 M. An increase in solubility would have 
been expected if complexation of potassium by 1,10-phenanthro-
line had occurred. This is further evidence that potassium 
ion is not significantly complexed by 1,10-phenanthroline. 
This latter result is similar to the "salting-in" behavior 
reported by Long and McDevit (38). They indicate that potas­
sium chloride "salts out" the basic nonelectrolytes (ammonia, 
trimethylamine, and aniline) with a "salting-in" parameter, 
kg, of about 0.1. This type of behavior is usually described 
by the Setschenow equation, 
log ^  = log |- = kgCg (81) 
where f and f° and S and S° are the activity coefficients and 
solubilities of the nonelectrolyte in the salt solution of 
concentration, Cg, and in water respectively. This equation 
would predict about a 2% decrease in solubility of a basic 
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nonelectrolyte in a 0.1 M KOI solution conpared to its solu­
bility in water. This is approximately -what vas observed 
experimentally for 1,10-phenanthroline as was noted above. 
The solubilities of several substituted 1,10-phenanthro-
lines as a function of the total concentration of HCl were 
determined in a manner analogous to that used in the 1,10-
phenanthroline study. The resulting plots of solubility vs. 
(HOl^) are sho>na in Figure 14. The values for the slopes of 
these solubility plots are listed in Table 14 in order of 
decreasing basicity of the substituted 1,10-phenanthroline, 
The pKa values listed are a consistent set of values reported 
by Brandt and Gullstrom (11) and Schilt and Smith (50) for 
the species. 
Table 14. Slopes of the experimental solubility plots for 
some substituted 1,10-phenanthrolines^ 
Substituted 
1,10-phenanthroline Slope PKa^ 
2,9-dimethyl- 1.64 6.17 
5-methy1- 2.64 5.23 
unsubstituted (^ =0,1) 2.23 4.96 
unsubstituted 2.24 4.96 
5-chloro- 1.69 4.26 
5-nltro- 0.49 3.57 
^Values obtained at 25° + 0.05°C. Except where noted 
the ionic strength was not controlled, 
^pXg. values reported by Brandt and Gullstrom (11) and 
Schilt and Smith (50). 
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II, 5-methyl-; III, 5-chloro-; IV, 2,9-
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An experimental slope value greater than one indicates 
that the substituted ligand forms the higher order 
species. These experimental results indicate that the forma­
tion of higher order species is not peculiar to the parent 
1,10-phenanthroline, Further, the more basic the substituted 
1,10-phenanthroline the higher the solubility slope or the 
greater the average number of ligand molecules interacting 
with the hydrogen ion. The 2,9-dimethyl-l,10-phenanthroline 
is the exception. Undoubtedly steric factors cause it to be 
out of line. 
The 5-nitro-l,10-pheni-nthroline was the only substituted 
ligand studied which had a slope less than one. This ligand 
was further studied to see if any abnormal effects were influ­
encing its behavior. These studies will be described below. 
It has been shoim that the maximum n that may be attained 
in the hydrogen-1,10-phenanthroline system in an aqueous 
medium is 2.23. This limitation is a result of the relatively 
low solubility of 1,10-phenanthroline in aqueous medium. The 
solubility of 1,10-phenanthroline or the concentration of 
uncombined 1,10-phenanthroline may be increased by using a 
mixed-solvent system. It follows then that the maximum 
attainable n should be increased by using a mixed-solvent 
system. About a tenfold increase in solubility was realized 
by using a 20^ dioxane-water solvent. The solubility of 1,10-
phenanthroline as a function of the total concentration of 
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hydrochloric acid in 20^ dioxane-water was determined. The 
solubility plot was linear with a slope of 3.1. The n^ value 
determined using Equation 80 was 2.9. The agreement between 
the two values is good considering that one is using the 
values of of the species that have been determined in 
an aqueous system to describe an experimental solubility study 
in a mixed-solvent system. The results obtained in this study 
substantiate that three and only three species are 
formed between hydrogen ion and 1,10-phenanthroline. 
K. Infrared Study 
The infrared spectra of several aqueous solutions con­
taining 2 M 1,10-phenanthroline and 1 to 6 M HCl were obtained 
using a 0.015 mm. cell with Irtran 2 vrindows and a Becknan 
IR-7 infrared spectrophotometer. %ater has several broad 
infrared bands which render much of the infrared region use­
less but there are a few "vrindows" where water is transparent 
enough that usable spectra can be obtained. In the region 
from about 1100 to 1600 cm~^ good infrared spectra of aqueous 
1,10-phenanthroline solutions were obtained. 
There were several spectral differences between the solu­
tion having a ratio of two compared to a solution 
having a ratio of one. New bands appeared at 1143, 1508 and 
1565 cm~^ and the band at 1422 cm""^ increased in intensity. 
The changes are in a region characteristic of ring vibrations 
of aromatic compounds (51). The infrared spectra of these 
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two solutions from 1100 cm""^ to about 1570 cm~^ are shown in 
Figure 15. 
Mole-ratio plots of the ratio of the absorbance of the 
bands at 1422 and 1503 cm~^ to that for a band whose absorb­
ance is not changing (1537 cm~^) vs. the ratio,(P^j/tHCl^), 
were prepared. The resulting mole-ratio plots are shovni in 
Figure 16, They also indicate that higher order species are 
forming since the changes in absorbance are directly propor­
tional to the (Pf]i)/(HClqi) ratio when the ratio is greater than 
one. The plots might be more informative if the (P^)/(HClip) 
ratio could be extended to higher values but one is limited 
by the limited solubility of 1,10-phenanthroline. Another 
solvent system, particularly a mixed-solvent system that is 
principally aqueous, might be beneficial. The solvent system 
would need to be one in which the solubility of 1,10-phenan­
throline is considerably greater, it must be transparent in 
the infrared region of interest and it must not significantly 
affect the system. 
L, Study of 5-Nitro-l,10-phenanthroline 
Of the substituted 1,10-phenanthrolines investigated in 
the solubility study 5-nitro-l,10-phenanthroline, nP, was 
unique in that the slope of its solubility plot was less than 
one. The slope was 0.49. To determine whether any abnormal 
species, perhaps H2P , were being formed some further studies 
were performed. 
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An equilibrium study, similar to that used by Lee e_t 
(56) in their investigation of 1,10-phenanthroline, vas con­
ducted. In acidic solution two possible reactions were con­
sidered for the dissociation of the complex, tris(5-nitro-l, 
10-phenanthroline)iron(II), Fe (nP)5"^^, 
Pe(n?)2+2 + ^ 3H(nP)"*'^ + (82) 
Fe(nP)2+2 + - SHgfn?)*^ + Fe+2 . (83) 
The equilibrium constant for Equation 82, is 
(JeCnî) +2) (h+1)3 
and the equilibrium constant for Equation 83, £2» 
K2 = (H2(nP)^^)^ _ . (85) 
(Pe(nP)3+2) (^+1)6 
The concentrations of the components in the equilibrium 
expression can be determined from the initial, total concen­
trations of HCl, Pe"^^ and nP and the spectrophotometrically 
+2 determined equilibrium concentration of FefnP)^ , 
(Fe+2) = (Fe^+Z) - (FefnPj^+Z) (86) 
(H(nP)+l) = (nP^) - 3(Fe(nP)3+2) (87) 
(H+1) = - x(Hx(nP)+^) (88) 
There for Equations 82 and 83 x equals 1 and 2 respectively. 
Values of K]_ and Kg were determined for a series of in­
vestigations at varying initial concentrations of HCl, Fe^^ 
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and nP. The results are listed in Table 15. 
Table 15. Equilibrium study on 5-nitro-l,10-phenanthroline 
Trial nPfp Fe(nP)2+2 K^xlO^ KgxlO^ 
MxlO^ MX1O5 Mx1O5 MxloS 
1 2.32 9.47 1.013 3.25 8.5 6840.0 
2 10.43 9.47 1.013 2.55 36.5 300.0 
3 83.4 9.47 1.013 0.32 38.2 0.7 
4 41.7 9.47 3.039 5.25 35.2 5.0 
5 83.4 9.47 10.13 9.05 33.3 0.6 
The results show that in the study the values of Kg 
varied over four orders of magnitude while the values for K]_ 
remained relatively constant. This indicates that Equation 
82, that is, the dissociation of FetnP)^*^ to form H(nP)"*'^, 
best describes the experimental system. 
In another study the n function was redefined to be the 
average number of hydrogen ions bound to the ligand, 5-nitro-
1,10-phenanthroline, 
n = —^ • (89) 
(nPrp) 
Experimental n values were determined by preparing two 
solutions which both contained 1.579 x 10"^ M HOI. One of 
-3 
these solutions was prepared to contain 3.132 z 10 M 5-
nitro-1,10-phenanthroline. In both solutions the medium was 
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30^ acetonitrile In water to keep the sparingly soluble 5-
nltro-l,10-phenanthroline in solution throughout the study. 
The two solutions were each titrated potentiometrically with 
6.36 X 10"^ M KOH using the "Expanded Scale" on a Beckman 
Model GS potentiometer. 
The concentration of uncombined hydrogen ion in the 
system, was determined from the following 
expression; 
_ (E~Ep) 
(H+l)p = (H+1) 10 59.15 (90) 
where is the concentration of uncombined hydrogen ion in 
the titration of the solution which did not contain 5-nitro-
1,10-phenanthrollne, and Ep and E are the measured potentials 
of a glass electrode vs. the SCE in the titration of the 
solution which did and did not contain 5-nitro-l,10-phenan-
throline respectively. 
The values of n in the titration could be 
determined from the experimental values of (H^^)p and the 
total concentrations of hydrogen ion and 5-nitro-l,10-
phenanthroline using Equation 89. The values of n approached 
but never exceeded a value of 1.0 which again indicates that 
H(nP)*^ and not is formed in acidic solutions of 
5-nitro-l,10-phenanthroline. 
The results of these two studies indicate that although 
the slope of the solubility plot for 5-nitro-l,10-phenanthro-
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line is about 0.5, no species appears to exist, 
A value of Ug for 5-nitro-l,10-phenanthroline was calcu­
lated from Equation 80 assuming that no higher order H(n?)j^"*"^ 
species exist. The pXa value reported by Brandt and Gullstrom 
(11) and a value of 4.1 x 10"^ M for the solubility of 5-
nitro-l,10-phenanthroline in water, S°^ were used in the 
computation. A value of n^ of 0.60 was calculated which 
agrees quite well with the experimental solubility slope 
value of.0,49. 
In conclusion the H(nP)*^ system does not appear to be 
unique compared to that for the other 1,10-phenanthrolines. 
Its low solubility slope appears to be a consequence of the 
low basicity and low aqueous solubility of the ligand. 
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VI. STRUCTURAL PROPOSAL 
The hydrogen ion or bare proton is unique among other 
common ions in that it has no external electrons to shield or 
screen its positively charged nucleus. Further, its small 
size (about 10"^^ cm,) relative to atomic sizes {about 10~® 
cm.) gives rise to a large charge to size ratio. Hence, the 
hydrogen ion rarely exists as such, except in gaseous ion 
beams, and it is invariably associated with other atoms or 
molecules in condensed phases. In water the hydrogen ion is 
hydrated to form the hydronium ion, 
H+l(g) + "HgO ^  HjO+lfaq) . (91) 
The energy of hydration for the formation of this strong 
covalent bond has been estimated to be about 283 kcal./mole 
( 5b ). 
Evidence for the existence of the pyramidal H^O*^ ion in 
solid hydrates of strong acids has been obtained by a variety 
of techniques, including NMR, IR and Raman spectrometry. For 
a summary of these techniques and a more detailed discussion 
of the hydronium ion the book by Bell (8) and the review 
article by Clever (12) would be useful. 
Further hydration of the H^O"*"^ ion was first proposed in 
1954 by Wicke, Eigen and Ackermann (66). Using a model pro­
posed by Eucken (18) from which ionic hydration numbers may be 
estimated from the temperature dependence of apparent molal 
quantities, Wicke et al. (66) have estimated a hydration 
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number of four for the hydrogen ion from the contribution by 
hydrogen ion to the partial molal heat capacity of hydro­
chloric acid in aqueous solution. The authors have proposed 
a pyramidal structure for the trihydrated hydronium ion, 
or or H9O4+I. 
The subsequent literature is replete with other experi­
mental evidence by a variety of techniques supporting the 
existence of the ion. It has also been used to explain 
a host of observed properties of aqueous strong acid solutions 
(12), A sampling of these studies will be summarized below. 
Tuck and Diamond (61) have studied the solvent extraction 
of perchloric acid into the moderately basic solvents, dibutyl 
Cellosolve and diisopropyl ketone, and the extraction of per­
chloric, hydrochloric and hydrobromic acids into the more 
basic solvent, tri-n-butyl phosphate, TBP. They report that 
four molecules of water accompany each molecule of acid into 
the nonaqueous phase. They suggest that all four molecules of 
water are associated with the hydrogen ion forming the 
ion. 
Knewstubb and Tickner (30) have investigated the mass 
spectrometry of ions formed in the negative glow and Faraday 
dark space of discharges in water vapor and have observed ions 
of the type, (HgO)^^, where n = 0 to 5. Their data indi­
cates that the bond strength of the ion falls off sharply 
after n = 3 and that the ion represents a particularly 
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stable species. 
Gluekauf and Kitt (22) have reported values for the 
hydration number of cations determined from the adsorption of 
water by polystyrene sulphonates of cations using an isopies-
tic method. They report a value of four for the hydration 
number of the hydrogen ion, 
Gluekauf (21) using a refinement of an earlier treatment 
by Stokes and Robinson (56) has developed an expression to 
determine the mean activity coefficient of concentrated elec­
trolytes, Prom this treatment values of the hydration numîjer 
for the ions can be estimated. His value for the hydration 
number of the hydrogen ion is also four, 
Bascombe and Bell (5a) and Wyatt (6?) have pointed out 
that a consideration of the Hammett acidity function can be 
used to determine the hydration number of the hydrogen ion. 
A value of four was obtained by both workers. 
It is proposed that because of the unique charge distri­
bution of the hydronium ion, a charge of about +1/3 is concen­
trated on each of the three hydrogen atoms, the hydronium ion 
may be expected to form strong hydrogen bonds binding one 
molecule of water to each of the three hydrogen atoms forming 
H^0"^^(H20)3. Grahn (23) has estimated the strength of these 
three hydrogen bonds to be about 45 kcal./mole per bond. The 
three hydrogen bonded water molecules make up the primary 
hydration sphere of the hydronium ion. Additional hydration 
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should be possible in the secondary and outer hydration 
spheres. These outer hydrogen bonds would be expected to be 
considerably weaker than those in the inner, primary hydration 
sphere. Grahn (23) has estimated that the water molecules in 
the secondary hydration sphere are hydrogen bonded to the 
ion with a bond strength of about 9 kcal./mole and 
Azzam (3) has suggested that there are about nine water mole­
cules in the secondary hydration sphere. 
Tuck (59) has suggested'that the structure of the 
ion is such that a maximum of three large, moderately basic 
organic molecules can hydrogen bond to i'c. The species, 
(TBlO^HgO^X, has been characterized in the solvent extraction 
of the tetrachloroaurate(III) ion, X, from hydrochloric acid 
solution into a benzene solution containing tri-n-butyl phos­
phate, TB?, (60); and in the extraction of chromium(VI) from 
acidic solution into T2P in cyclohexane (62), 
Whitney :.:ni Diamond (65) have studied %he extraction of 
perchloric acid into solutions of TB? in inert solvents. They 
suggest that when the concentration of TBP in the inert sol­
vent is low, the extracted species is 3TBP*H^0"''^... ClOi,."^ and 
when the concentration of TBP is high, the extracted species 
is 3TBP'Hg04+l.,.C10A"l. 
Upon considering the solvent extraction work Jby Tuck (59) 
and Whitney and Diamond (65) and the 1,10-phenanthroline-l-
water studies by Smith and Richter (54), Fritz e;t al. (19) and 
Seattle and Webster (7), an idea about the possible structure 
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of the species was formulated. Certainly an octahedral 
arrangement of three molecules of 1,10-phenanthroline about a 
hydrogen ion, analogous to the structure of PeP^*^, is highly 
unlikely since the hydrogen ion would not have suitable 
orbitals available to form this type of complex. 
However, in the highest concentrations of 1,10-phenan­
throline, it is possible that 1,10-phenanthroline could com­
pete with and replace the water molecules in the secondary 
hydration sphere about the hy^ronium ion. Hence, it is 
proposed that H?%*^ = nP'HgO^^^. The proposed structure for 
is shoi'Zn in Figure 17. 
It is also possible that the replacement of the water 
molecules by l,10^phenanthroline could take place in the 
primary hydration sphere instead of the secondary hydration 
sphere. In this case the species would be represented 
by, = nP'H^O"'"^ (3-n)H2Û. A Pisher-Taylor-Hirschfelder 
molecular model of the hydronium ion was constructed and a 
molecule of 1,10-phenanthroline could be arranged about each 
of the hydrogen atoms of t..e hydronium ion. 
However, thii latter proposal seems to be less favorable 
than the former proposal. The type of bonding in the 
nP'HgO^^Ï proposal would seem to better fit in with the type 
of bonding proposed in the 1,10-phenanthroline-1-water studies 
(7,19,54). 
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Figure 17. Proposal structure of 
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VII. SWKARY 
The Ag/Agfg^O^ electrode, which was devised by Grimes 
(24) and further studied by Pullerton (20), has been used in 
the determination of the over-all stoichiometric formation 
constants of the hydrogen-, cadmium- and zinc-l,10-phenanthro-
line complexes. The values of for the 2n?%*^ complexes 
determined in this study agree very well with those reported 
by the other workers. The value of reported by Dale (13) 
seems a little high compared to the other values and the value 
of 8J reported by McClure (42) is considerably lower than the 
other reported values. 
The values of for the Od?Q*^ complexes determined in 
the present study agree well with those reported by other 
workers. The value of agrees best with that obtained by 
Douglas et a2. (16) from polarographic measurements but the 
value .is somewhat higher than those reported by the other 
workers. 
The values of for the higher order species 
determined in this work are considerably lower than those 
reported by Grimes (24) and Fullerton (20). This is undoubt­
edly due to the manner in which the potentiometric study 
was conducted. Grimes (24) and Fullerton (20) used the 
Ag/AgP2^I0^ electrode in a direct potentiometric technique 
based on a Nernstian electrode response. Therefore in their 
studies of the alkali metal-l,10-phenanthroline systems they 
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would have interpreted the lower, non-Nernstian slope of the 
electrode as an indication of complex formation of the alkali 
metals by 1,10-phenanthroline. For the same reason their 
values of for the species would be higher than those 
determined in the present work. It has been shown in this 
work and in the work by Dale (14) that the values of for 
the system are indeed excessive. The confidence in the 
values of for the species determined in this work 
was enhanced when these values were used to explain the exper­
imental results for the solubility of 1,10-phenanthroline as 
a function of the total concentration of hydrochloric acid. 
The formation function and degree of formation curves 
for the system indicate why other workers have not 
detected the higher order species. The system is 
dominated by the species and the higher order species 
become significant only when the concentration of uncombined 
1,10-phenanthroline is relatively high. The fraction of the 
total, 1,10-phenanthroline in the form of the higher order 
species is also directly dependent upon the total concentra­
tion of hydrogen ion. 
It was previously noted that most workers have determined 
the acid dissociation constant of by a pH technique. 
In the present work it was shoim that in the potentiometrlc 
titration of 1,10-phenanthroline with a strong acid, the pH 
of the system is only slightly different when one considers 
102 
all three species as compared to the case where only 
the species is considered. Hence, the higher order 
species would easily have gone unnoticed. 
The potentiometric method used by Dale (13) has consider­
able merit in the study of metal-l,10-phenanthroline systems. 
However, the potentiometric method used in the present work is 
somewhat more convenient to use in that the concentration of 
uncombined 1,10-phenanthroline is obtained directly from the 
experimental Ag/AgP2N05 electrode potential. In the method 
used by Dale (13) the concentration of uncombined 1,10-phenan­
throline is calculated from the experimental, potentiometric 
measurement of the concentration of uncombined competing 
metal, silver(l), and the previously determined over-all 
formation constants of the AgP^"^^ complexes. Further, the 
method used in the present study seems to be better suited 
for studying metal-1,10-phenanthroline systems, like the 
HP^+l system, which have formation constants that are con­
siderably lower than those for the AgP%*^ complexes. 
The weighted least squares computer program used in the 
determination of the over-all formation constants is a tre­
mendous asset to a study of this nature. The program is 
objective in that all the experimental data from a metal-
ligand system is treated simultaneously. This is in contrast 
to the graphical techniques which are often used to determine 
formation constants. 
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The solubility study used in this work was very helpful 
in luoidating the system. It is a rapid and useful 
method for determining the maximum value of n that may be 
attained in the systems for 1,10-phenanthroline and the 
substituted 1,10-phenanthrolines, This maximum value of n is 
an indication of the number of species that should be consid­
ered in the systems. The solubility method would seem 
to be of general utility in the investigation of other metal-
ligand systems where the ligand is only sparingly soluble. 
The purpose of this work was to investigate the reaction 
between hydrogen ion and 1,10-phenanthroline to lucidate the 
novel higher order species proposed by Grimes (24) and 
Fullerton (20). The evidence obtained from the potentio-
metric, solubility and infrared studies indicate that these 
unique species do exist. The structural proposals for the 
HP^*^ species seem to fit in well with the recent develop­
ments concerning the species particularly the solvent 
extraction work by Tuck (59) and Whitney and Diamond (65) 
and the 1,10-phenanthroline-l-water work by Smith and RichLer 
(54), Fritz e;t al. (19) and Beattie and Webster (7). 
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VIII. SUGGESTIONS FOR FUTURE WORK 
1) It would be of interest to undertake a potentiometrio 
study with the Ag/AgP^NO^ electrode to determine the formation 
constants of the species in a mized-solvent system where 
the solubility of 1,10-phenanthroline, and therefore the maxi­
mum value of n that could be attained, would be increased. A 
mixed-solvent system which is principally aqueous would be 
recommended, perhaps dioxane-water. A study of the solubility 
of 1,10-phenanthroline as a function of the total concentra­
tion of acid in the proposed solvent system would be a rapid 
and easy way to evaluate the solvent system. 
2) A partition study similar to that employed by Irving and 
Mellor (27) to determine the concentration of uncombined 1,10-
phenanthroline would be an independent way to study the 
system. The weighted least squares computer program could be 
used to determine the formation constants from the experi­
mental data. 
3) A study of the HP^"*"^ systems of some substituted 1,10-
phenanthroline s by a potentiometrio or a partition method 
would be of interest. The low aqueous solubility of most 
substituted 1,10-phenanthrolines would necessitate the use 
of a mixed-solvent system. 
4) Tuck (59) and Whitney and Diamond (65) have proposed the 
species, (TBPÏ^HgO^^^X"^ and 3TBP'H20^^...X"1, as a result of 
some solvent extraction studies. Perhaps further evidence 
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concerning the system could be obtained from the in­
vestigation of the extraction of a strong acid from an 
aqueous solution into an immiscible, inert solvent containing 
1,10-phenanthroline. 
5) It would be of interest to undertake a complete investi­
gation of the system by employing some of the following 
techniques; infrared spectrometry, nuclear magnetic reson­
ance spectrometry, molecular weight measurement and mass 
spectrometry, 
6) It would be of interest to investigate the ionic mobil­
ity, transport number and other electrochemical properties of 
solutions containing the species. 
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